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PREFACE 

The aim of the present book is, as the title implies, to provide an 
introduction to Thermodynamics and its apphcations to Chemistry. 
"W^lst there are several works on the subject of Chemical Thermo- 
dynamics in Enghsh, it is felt that their treatment of the con- 
cepts of free energy and entropy is hardly adequate to their 
importance. They confine themselves to reactions at constant 
volume and apply the Criterion of Equihbriiim = 0, or the 

maximum work of the process at constant volume and temperature, 
is zero. But whilst tliis is true enough, most of oiu* measurements 
refer to reactions at constant pressure, and it therefore seems to 
me far better to employ the criterion of equilibrium = 0, or 
the free energy change at constant temperature (Gibbs’s Thernio- 
d\Tiamic Potential) is zero, since this is true in the case of any 
reaction whatsoever, and is not limited to the case of constant 
volume. I believe that a proper understanding of this funda- 
mental subject is essential if thermodynamics is to be a part of 
the useful equipment of the chemist, and I am fully convinced 
that it should be treated in an elementary text-book on the 
subject. 

The only book which differentiates clearly between free energy 
and maximum work is the classic work of G. N. Lewis and M. 
Randall, but this has several disadvantages as regards the student. 
In the first place it is much too advanced for the begmner, and 
secondly it is rather too full of practical details which, w^hile making 
it excellent as a work of reference, rather detract from its value 
as an introductory text-book. 

I have therefore attempted to satisfy the need for an intro- 
ductory text-book which does treat this fundamental question, 
and which, at the same time, considers the more recent applica- 
tions of Thermodynamics such as the theory of Debye and Hiickel 
or the treatment of concentrated solutions. Moreover, the subject 
of entropy is approached in a manner different from that usually 
adopted, and it is hoped that this concept will thus be rendered 
less abstruse. No more mathematics has been assumed than is 
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required for the Higher School Gertihcate Examination of the 
various Boards. 

While every effort ha's been made to ehminate errors, it is possible 
that some may have escaped detection, and I shall be grateful if 
readers will bring these to my notice. 

I am very pleased to have this opportunity of expressing my 
gratitude and appreciation to Professor E. C. C. Baly, F.R.S., for 
his ready assistance and encouragement during the preparation 
of this book. I should also like to express my thanks to my mother 
for undertaking the labour of reading the proofs and to my sister 
for checking the index, and lastly to thank Mr. F. P. Dunn for 
his unfaihng courtesy and assistance during the production of 
the book. 

D. JOHNSTON MARTIN. 

Liverpool. 

Aiuj. 1933 . 
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AX IXTRODUCTIOX TO 
THERMODYNAMICS FOR CHEMISTS 


CHAPTER I 

FCM)AiIlNTAL CONSIDERATION. THE FIRST LAW OF 
THERMODYNAMICS , 

Perhaps oae of the greatest difficulties that confronts the student 
who specializes in any branch of knowledge is that of preserving 
a sense of proportion and the power of seeing a phenomenon in 
its true perspective. In our everyday relations with the world, 
Nature has solved the problem for m, by endowing us with two 
eyes instead of one, so that we see an object from two different 
points of view. And this is, in every case, the best method to 
adopt. A single aspect can at best be only partial, but several 
different partial views of the same object help us to form a more 
complete picture of the whole. 

The chemist, whose function it is to investigate the relations 
between the various t37pes of matter, has therefore elaborated for 
his use, two eyes which have proved to be of great range and 
adaptability. These two eyes or aspects are known as the Kinetic 
Theory and Thermodynamics. The first aspect, with which the 
reader will be familiar, regards matter as composed of very small, 
discrete particles, the motion of which corresponds to the heat 
energy of the system. From this basis a number of very important 
ideas are developed, such as Boyle’s Law for gases, or the relation 
between the coUigative properties of solutions. The second aspect, 
which is the one we propose to consider here, deals, not so much 
with the matter itself, as with the energy changes which occur 
in it. It does not formulate any concept of the matter which is 
undergoing the change, so that it is entfrely immaterial whether 
we adopt the kinetic theory or a continuous theory of matter. 
But while this is a great advantage in some respects, as regards 

the geherahty of the results which we shall obtain, there is no 
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2 FDNDAilENTAL CONSIDERATIONS 

doubt that a mechamcal model is a great gain to the investigator, 
since it enables hmi to ^dsualke the process under consideration. 
For this reason it is usually best to superpose the two aspects by 
introducing concepts derived from the kinetic theory into our 
thermodMiamical considerations, thereby gaining in completeness 
of description what is lost in generality. 

The chief names wliich are associated with the earlier work in 
this field of thermodynamics are the physicists Black, Rumford, 
Hess. Cnrnot. Mayer, Joule, Clausius, Kelvin and Helmholtz. To 
these are due the realization and precise formulation of the First 
and Second Laws of Thermodtuianiics. The application of thesei 
laws to chemical problems, especially to the problem of Chemical . 
Equilibrium, is the work of such men as van’t Hoff, Planck, 
J. Willard Gibhs, etc., while with the practical applications are 
associated men like Haber, Nernst, G. N. Lewis and numerous 
others. To Nernst we also owe the more recent principle which 
has come to be regarded as a Third Law of Thermodynamics. 
This third law will be considered later. For the present we pro* 
pose to consider the first two laws and their applications. 

First Law of Thermodynamics. 

Qfumerous attempts have been made, from time to time, to 
devise a source of perpetual motion which would drive our trains 
and our factories, without it beiug necessary to supply it with 
energy in any form. But these attempts have, in every case, 
failed to produce the desired result. No machine has yet been 
constructed which can manufacture energy from nothing, and 
these repeated failures have slowly borne in upon man the con- 
viction that such a machine has never been constructed because 
it is an impo^bility. This conviction, expressed in a formal 
maDner, is the well-known principle of the conservation of energy 
and this principle constitutes the first fundamental law of thermo- 
dynamics. ; 

Let us consider the matter a little more precisely. We are all 
familiar with the fact that energy can exist in various forms, heat 
energy, mechanical energy, electrical energy, etc. Rumford, and 
later Joule and others, showed that a given number of ergs of 
mechmaical energ]f may be converted, for example by friction, into 
a cer^n definil^ number of calories of heat energy. In fact these 
two quantities of energy are equivalent to one another, or rather 
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we have the same quantity of energy present in two different forms 
and measured in terms of two different units. Again, if a ball 
be thrown upwards with an initial velocity r, its kinetic energy 
is where m is its mass. As it rises, however, its velocity 

falls until finally it comes to rest and its kinetic energy is zero. 
But it is now, unless suddenly arrested, capable of falling to its 
initial position and regaining exactly the same kinetic energy as 
it had when it commenced its upward journey, namely 
We therefore speak of this capacity to fall as being due to the 
presence of Potential Energy in the body. The potential energy 
at the point where the body comes momentarily to rest is equal 
to the initial kinetic energy and at any intermediate point of the 
path the sum of the kinetic and potential energy of the body is a 
constant and equal to where v is the initial velocity as before. 
Another interesting example is the case of fusion. Any liquid is 
said to possess latent heat or latent energy, as a result of the heat 
energy absorbed dmmg the transformation from the solid to the 
liquid state, since it is known, that, if we reverse the process, the 
same quantity of heat is evolved. These are all cases of the 
transformation of energy from one form into another, and the 
First Law of Thermodynamics states in effect that, in all these 
changes, no change in the total amount of energy occurs : when 
one form of energy disappears exactly the same quantity of another 
form appears. To proceed further, however, it is necessary to 
state the law in a mathematical form. 

WTien any portion of space or of matter is the subject of thermo- 
djmamic consideration, that portion is termed a System. It is 
evident that such a system will possess a certain total quantity 
of internal energy. This quantity wiU be denoted by the letter U. 
This energy may be present in several different forms, but this is 
entirely immaterial from the standpoint of thermodynamics. So 
long as the system is completely isolated from its surroundings this 
quantity U cannot change. But of course this is only a hypo- 
thetical case. It is impossible in practice to isolate any system 
completely. 

We shall now consider a system which is capable of undergoing 
a change by doing a certain amount of work w. Thus, for instance, 
if we consider such a system as a gas enclosed in a vertical cylinder 
A fitted with a weighted piston. If the total mass of the piston 
and the weight is m, then the total downward force is 77ig, where 
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g is tlie acceleration of gra^nty. If the force exerted by the gas , 
in the upward direction exceeds this quantity mg, the gas expands. 
Let the expansion in A-olume be AF, the height through which 
the piston is raised be h, and the area of the piston be a. Then the 
work done by the gas in expanding, and therefore in overcoming 
the force mg, is given by — 

ic = Force X Distance moved. 

== mg X k. 

mg /a, i.e. the force per unit area, is the pressure exerted 
A’ertically downwards by the weight and piston, and therefore 
opposing expansion. Let this pressure be denoted by P, then 
since AF = ah, we have 

IV — mg /a X a.h 
= PAF. 

The gas system has thus done work, w = 
mgh = PAF, upon its surroundings (the 
weight and piston). 

In general, when such a change occurs, 
it is accompanied by the absorption or evo- 
lution of heat, from or to the surroundings. 
Let us denote the heat ahsorhed by the sys- 
tem by the symbol + q. If the value of 
-f- q for any particular process is negative, 
the system is giving out heat to the sur- 
roundings, so that the heat evolved in any process will be repre- 
sented, on our notation, by — q. 

Since the system has not been regarded as isolated, in general, 
a change will also have occurred in the total internal energy of 
the system, namely in TJ , Let us denote an increase in the internal 
energy of the system by -f- AJ7, Then the First Law of Thermo- 
dynamics states that the increase in the total internal energy of 
the system, is equal to the heat absorbed from the surroundings 
minus the work done by the system upon the surroundings. 

Expressed mathematically, this takes the form— 

MJ = q — w ( 1 ) 

]^fore proceeding further, it will be well to distinguish between 
two difierent kinds of properties, extensive and intensive. An 
extensive property of a substance is proportional to the quantity 
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of the substance present, thus mass, volume, heat capacity, etc., 
are extensive properties. 

An intensive property is independent of the quantity of sub- 
stance present, for example, pressure, temperature, density, 
specific heat, etc. This is usually the only kind of properties 
which are enumerated, when a list of the properties of a substance 
is given. 

It will be e\fident that the internal energy, JJ, belongs to the 
fimt category, since, if we have two identical systems, the total 
internal energ}’ of the two together is double that of each one 
separately. 

We now propose to define another extensive property of any 
system, namely the heat content. Living, as we do, in an atmo- 
sphere of practically constant pressure, it is e\ddent that the simplest 
method of carr^’ing out calorimetric measuiements is under constant 
pressure. Thus, for instance, our values of the latent heat of 
fusion and of vaporization, or of the heat of a chemical reaction, 
usually refer, unless the contrary is stated, to changes at constant 
pressure. Suppose, now, we consider a system of total internal 
energ}^ and allow it to expand from its initial volume to 
volume Vjs, under constant pressure P. The internal energy at 
the end of the expansion wiU be denoted by and the heat 
absorbed during the process by q. Then the work done by the 
system upon the surroundings in overcoming the pressure P is 
given by — 

w==PAV = P{V^-VJ. 

The increase in internal energy (w’hich may of course be negative) 
is 

But by the First Law, 

A?7 ~ q — w 

so that 

UB-u^-=q-pyB+pyA 

or 

q=^{Us + PVs)-{U^+PV^) ... ( 2 ) 

Thus, for the case of expansion at constant pressure, q is seen to 
be the difference of two terms of the form {U + PF). This expres- 
sion is therefore called the heat content of the system defined by 

H = U ^P7 ( 3 ) 
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If AH represents an increase in H, we have, for changes at constant 
pressure — 

^ = q (4) 

This equality bv no means holds, however, for cases when the 
pressure changes. Thus, for instance, consider the case where the 
volume is kept constant, but the pressure of the system increases 
from Pj^ to P^. Then since no volume change occurs and no other 
form of external work is accomplished, w = 0, so that we have— 

= ( 5 ) 

the suiBix v denoting the fact that the volume is maintained 
constant. On the other hand we have 

^H={U,,-^P^V)-(U^-rPJ^) 

^AU-^V{P^-PJ 

-q.-rYiPB-^A) _ (6) 

It should }ye observed that for chemical reactions in the solid or 
Uquid state the change in volume is usually small, so that the 
difference between the heat of reaction at constant pressure AH, 
and that at constant volmne AU, is negligible. In the case of 
gaseous reactions, suppose we have Ui moles of gas occupying 
volume reacting together to give moles of resultants occupy- 
ing a volume and let us assume for the sake of simplicity that 
the gas law PV — HI per mole may be applied. Then for the 
reactants we have PFj — n iRT, and for the resultants PF o = rioRT, 
so that 

P(F, - F,) = {lu - n,)RT 

and hence — 

Al? = AZ7 4- (^2 - yH)RT (7) 

It follows that if Ui = n^, i.e. if no change in the total number of 
molecule oceurs, then 

AH^AU ...... {7a) 

It will have been observed that we have only considered changes 
in the total internal energy, U, and in the heat content, H, of a 
system. The absolute values of U and H are not required for 
the purjK^s of thermodynamics. It should be noted, however, 
that these quantities are properties of the system, in the sense 
that, if we consider the system as undergoing any series of changes 
wiiat^>ever, such that the final state of the system is completely 
identi<ml with the initial state, then the initial and final values of 
the total internal energy, U, and of the heat content, H, of the system 
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are identical. Snch a series of changes is termed a Cycle. That 
this identity of the ioitial and final values is true of the total 
internal energy is seK-evident, and since P and F are the same at 
the beginning and end of the cycle, it follows that the heat content, 
H — U — PF, is also a property of the system. Moreover, we 
have seen that the internal energy, P, is an extensive property 
and the term PF being the product of an intensive and an extensive 
property 'will be, itself, an extensive property. Hence the heat 
content, H, is also an extensive property of the system. 

We shall now turn our attention to a closer consideration of the 
work term, v:. For simplicity’, we shall consider the case of a 
gas, although it will be e\’ident that, so long as we do not in any 
way introduce the nature of the gas, say by introducing the gas 
laws, the considerations are ecpially valid for solid or liquid systems. 
vSuppose we have a gas enclosed in a cylinder which is fi.tted with 
a piston, and we allow the gas to expand against an external 
pressure P by an infibiitesimal amount dV. Then the work done 
by the system is PdV and this is obviously greater the greater 
the value of the external pressure P. There is, however, a limit 
to the value of P, which is determined by the fact that it caimot 
exceed the pressure of the gas inside the cylinder, or expansion 
will not occur. If the gas pressure is P 4- dP, i.e. if it is greater 
than the external pressure P by an infinitesimal amount, then the 
work done by the system in expanding is the maximum work 
possible from the system when undergoing an expansion of amount 
dV. If, now, the expansion is continued from volume Fi to 
^volume Fs, the pressure of the gas inside the cylinder is continually 
decreasiug, the initial and final values being P^-f- dP and P 2 + dP, 
and in order that the expansion may still occur we must decrease 
the external pressure continually from Pi to Pa so that at any 
moment it diSers from the internal pressure of the gas only by 
an infinitesimal amount. The total maximum work done by the 
system during the expansion, which will he denoted by is 
siven bv — 

Fa 

, = jP(ZF. 

Such a process is termed a reversible process, since, if at any 
point in the expansion we decrease the gas pressure by an in- 
finitesimal amount, the direction of motion is reversed, that is 
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the gas contracts. The whole question of reversible processes will 
be more fuUy considered later, when we come to deal with the 
Second Law. 

It appears, then, that any system has a certain maximum capacity 
for work and we, therefore, propose to introduce a new property 
of the system which will be termed the work content and will 
be denoted by the letter A. This work content will probably 
depend upon the temperature of the system and we will therefore 
find it convenient to restrict its use, for the present, to isothermal 
processes. When a system does positive work upon its surround- 
ings, at constant temperature, we may speak of a decrease in 
the work content, and this will be denoted by — AM, the negative 
sign being employed as usual to denote a decrease. — AA is thus 
the TnaYi T miTTi work which a system can perform when undergoing 
any isothermal change. + AA, which represents an increase in 
the work content of the system, is naturally the work done upon the 
system by the surroundings during the given changes. The work 
content A, itself, is a property of the system just as are U and 
H and it wili be more completely defined later on, when the reasons 
for restricting ourselves to isothermal processes wiU become clear. 

For the case of expansion just considered we may write — 

-A4 = jPcZF (8) 

This expression is perfectly general and refers to the isothermal 
expansion of any system whatsoever. If now we confine our 
attention, for the moment, to the case of a perfect gas, we may 
introduce the gas law PV ~ RT per mole and we are thus enabled 
to integrate this expression (8) for this particular case, provided 
the temperature is kept constant. We thus obtain for the maxi- 
mum work of the process of isothermal expansion from Fi to 
of one mole of g^ — 



= RT In Fg/Fi 1 (9) 

By means of a second application of the gas laws, equation (9) 
may also be written — 

— AA = RT In P 1 /P 2 (10) 

^ l» is used ttoiiglioat the book to indicate a natural logarithm. 
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As we shall see later, any process in which maximum work is 
done is a reversible process, so that we have, in general, for any 
reversible isothermal process 

— AM = v: 

so that the first law may, for such processes, be written — 

\U = <i-r^A ( 11 ) 

We shall now consider one or two examples of the maximum 
work which may theoretically be obtained from various processes. 

(i) Osmotic Processes. The process of isothermally diluting 
a solution, is obviously one of increase in 
volume and work may therefore be obtained 
from it. In order to obtain the maximum 
work we must, as in the case of the expan- 
sion of a gas, conceive of the process being 
carried out in a truly reversible manner. 

This is accomplished by means of a device 
known as a semi-permeable membrane. This 
allows the pure solvent to pass through, but 
prevents the passage of the solute, so that 
the solute can exert its osmotic pressure 2 ^ 

against the membrane. In practice, we can, 

of course, only approximate to this ideal, although several very 
good semi-permeable membranes have been prepared. This is, 
however, immaterial to our purpose. All we require is to postulate 
the existence of such a membrane in order to obtain the maximum 
osmotic work possible. Suppose we have a cylinder containing 
two layers, one of a pure liquid solvent, the other of a solution in 
the same solvent, separated by a piston which consists of a semi- 
permeable membrane shown unshaded in Fig. 2. The piston is 
weighted, so that the downward pressure is less than the osmotic 
pressure of the solution by an infinitesimal amount. The piston 
will then rise, the solvent forcing its way through into the solution. 
The case is entirely analogous to that of the expansion of a gas 
and the maximum osmotic work done by the solution in expanding 
from volume Fi to volume Vo is 

- iL4 = 





10 fundamental considerations 

If we are dealing with, a dilute, aqueous solution of a weak 
electrolyte, we mav again apply tlie gas law, and. obtain for tlie 
maximuni osmotic work per gram-ion or per mole 
-^AA=RT In Fo/Fi =RT In P^/P, 
wiere Pi and Po are the osmotic pressures of the solution at 
volumes Fi and V 2 j or, expressed in terms of concentrations Ci 
and C., we have — 

-lA^RT InOi/C^ .... ( 12 ) 
(ii) The Three- Stage Distillation Process. The process, 
now about to be considered, is one of great utility in thermodynamic 
treatment. Suppose we have a pure liquid contained in a cylinder I 
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V, 

'^Shutter B 


"^Shutter 

Pure 
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(see Fig. S) the vapour pressure of which, at a temperature T° is po. 
In cylinder II is a solution of a non-volatile solute, the solvent 
being identical with the pure liquid in I, and the vapour pressure 
of the solvent in the solution being where pi is less than po. 

The quantity of solution in II is so great that the addition of one 
mole of solvent has no appreciable effect on the concentration. 
We require to find the maximum work involved in the process of 
transferring one mole of the liquid from I and adding it to the 
solution in II, the whole process being accomplished isothermaUy 
mid reversibly by means of the following three-stage distOlation 

(o) One mole of solvent in I is vaporized isothermaUy and 
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reversibly at the vapour pressure _po which is constant, so that 
the maximum work done by the system is 

(- AA)i ==po(Fo - Vo) 

where I'o is the volume occupied by one mole of liquid, Fq the 
volume of one mole of vapour. 

(b) A frictionless weightless shutter AB is now slid across the 
cylinder to isolate the mole of vapour. This does not require 
the expenditure of any work. The vapour is now allowed to 
expand isothermally and reversibly until its pressure has fallen 
to -pi -r dp, i.e. practically to the vapour pressure of the solvent 
Pi, above the solution. Let the new volume be Fi. The maximum 
work done by the system is 

^ s 

(c) The mole of vapour is now compressed isothermally and 
reversibly into the solution in II at the constant pressure pi. 
The work done by the system is 

(- AJ[)3 ^ pi{vi - Fi) 

where iq is the volume occupied by one mole of solvent in the 
solution. 

The process is now complete and the total maximum w’ork done 
by the system is 

- AA = (- AA), -f {- AA)2 -r (- AA)3 

= Po{Vo — Vo) -r j pdV -r Pi{vi — V j) . . (13) 

r, 

Now Vq and I’l are very small compared with Fq and Fi and may 
therefore be neglected, so that expression (13) becomes 

- JL4 = poVo ^^fdV- . . . (13a) 

To 

Now, integrating the second term on the right-hand side by parts 
we have — 

Fi Pi 

^pdV = PiVi — p„Vo — J Vdp 

F* Po 
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Vi 

-AA -yi7i 

Po 



This expression is perfectly general, . since the gas laws have not 
been assumed for the vapour. If, now, we assume the gas law 
■pY =RT per mole, we obtain — 

- 

Vo 

= RThj>o/'Pi ( 15 ) 

It will be observed that, according to equation (14) the total 
maximum work performed by the system in passing through the 

three-stage process, is of the form Vdp, For any single stage, 
however, the work term must be of the form and cannot, 

under any circumstances, be of the form Vdp. In the particular 

case, when the vapour behaves as a perfect gas, how^ever, the term 
pdV is numerically equal to ~ Vdp. This follows immediately 
from the following considerations. According to the gas law, 

pV =RT = Constant (at any given temperature). 

Hence d{pV) = ’pdV + Vdp =0 
m that pdV — — Vdp. 

Hence expression (14) becomes, for the case of a perfect gas, 

-AA= \ pdV==RT In 7i/ F„ =RT In p^/pi 
m before. 

This may also be seen immediately from equation (13a), viz. 

T\ 

-AA =i)„7o+ ^pdV-pJ^, 
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since, for a perfect gas we have, at constant temperature 

?oF„ =pxFx 

and we are left with 

- AA = I pdV. 

h 

The work done by a system in expansion may be very con- 

venientlv determined bv means of a pressure-volume diagram, 

r. 

since the integral j pdv is equal to the area below the curve. 

h 

Thus in the figure shown (Fig. 4) BA represents the pressure- 
volume curve of the system at 
constant temperature T, i.e. BA P 
is an isothermal line. The work 
done in expanding from volume 
Fi to volume Fo is represented 
by the area of the figure B^4FoFi. 

TTe have hitherto only con- 
sidered expansion against a pres- 
sure as representing the maximum 
work term of any process (— A.4). 

But, as we know, mechanical 

work is of various types, and the V 2 ^ 

maximum work term usually in- Fig. 4. 

volved in a chemical or physical 

change is composed of several such types, as, for example, electrical 
energ}’, or energy of translatory motion of the system as a whole. 
The question of electrical energy will be considered in a later 
chapter. 

A word of warning will perhaps not be out of place here. Some 
authors, following van’t Hoff, have termed the maximum work 
term (— A4) the ” Change in free energy ” of the system. It is 
better, however, to reserve this term for a quantity which will be 
defined later, since, by so doing, much confusion is avoided. 

Heat Capacity and Molecular Heats. We now require to 
obtain a precise definition of another extensive property of any 
system, namely the Heat Capacity. This is measured by the 
amount of heat required to raise the temperature of the system 
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by one degree. If ? calories are absorbed by tbe system for 
tmperature rise of LT, then tbe average beat capacity over tbe- 
temperature range from T to T ^ AT is q/AT. It is known, 
however, that tbe beat capacity vanes witb tbe temperature, so 
that at anv particular temperature tbe beat capacity is tbe limit- 
of tbe ratio q/AT as AT tends to zero. Tbe beat capacity depends, 
however, also upon the volume changes which may occur during 
tbe absoVion of ^^at and it is therefore convenient to distinguish 
between two heat capacities, that measured at constant volume, 
denoted by CV, and tbe beat capacity at constant pressure, denoted 

Let us consider the heat capacity at constant volume first. 
have already seen (expression 5) that 

so that the heat capacity is given by 

/ AV\ 

CV = 


The s iiffiv V is used to denote tbe fact that tbe volume is kept 
constant. But tbe Innit of a ratio such as ^ is tbe differential 

coefBcient of V witb respect to T, i.e. Since, however, the 
volume is kept constant, this is what is known as a partial differ- 
ential coefficient and is denoted by or suffix v 

indicating constant volume. Henc^ we may write 


(16) 


These partial difierential coefficients will be more fully explained 
at the end of this section, for the benefit of those not already 
familiar with their use. 

In the ease of constant pressure measurements, we have seen 
that q = hJ3 (expre^ion 4) so that it will be evident, without 
further discussion that 



Partial Difit^entiation. Every S 3 ;^tem has three properties, 
preMure, temperature and volume, any one of which may change. 
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These properties are called the variables of the system. Now we 
know that if we arbitrarily assign values to any two of these 
variables, say the volume and the temperature, then the third 
variable is also automatically fixed. This is expressed mathe- 
matically by saying that pressure is a function of the volume and 
the temperature and we write, briefly, 

P F). 

In the same way. we may regard the temperature as a fiinetdon of 
the pressure and the volume so that 

T =UP, V), 

or alternatively, w’e may express the relationship by writing 

F=/3(r, P). 

Taking the first of these eases, namely P (T. V), we notice 
that, if we fix one of the variables T or F, say the temperature, 
the other is still free to change. Consequently we may draw a 
plane graph of the relation between P and F for this particular 
value of the temperature. An example of this type of diagram 
has already been considered (Fig. 4). If, now, we differentiate the 
expression f^{T, Y) regarding T simply as a constant, we obtain 
the slope of this pressure-volume curve for the particular value 
of the temperature, T, under consideration. The differential 
coefficient so obtained is termed a partial differential coefficient, 
since one of the variables is kept constant, and it is written 

or simply 

\dT)^ 37 

the suffix T indicating the fact that the temperature is maintained 
constant. For example, consider the equation for the perfect gas 
as a function of this type. For one mole of gas w^e have 

PF - RT 

so that 



Now regarding F as a constant and differentiating with respect 
to P we obtain 




16 FTMDAMENTAL CONSIDEEATIOlSrS 

On the other ha/nrl, if we regard T as a constant and differentiate 
with respect to V we obtain 

W/r V^‘ 

Now since it is only necessary to fix two of the variables, pressure, 
temperature or volume, in order to fix 3.tij given system completely, 
it follows that other properties of the system, such as the total 
internal energy, the heat content, etc., may be regarded as functions 



of any two of these variables. Thus, for instance, we may write 
V = F^{P, V) ovV = F^{P, T) 

and so on, and consequently we may obtain partial differential 
'dlJ\ 


coefficients of the form 


The complete function may be represented by means of a solid 
figure, with reference to three rectangular co-ordinates. Thus, for 
example, the function Y P) may be represented as in 

Fig. 5, the axes being volume, temperature and pressure. Consider 
the point d at which the co-ordinates are P, 7, T, Suppose T is 
increased by an infinitesimally small amount to T + dT and P 
is increased to P -f- dP. Then corresponding to these changes we 
have a small change in the volume 'from 7 to 7 -f- d7. The 
system is now represented by the point h whose co-ordinates are 
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P -f dP^ F — dV, T -f- dT. Xow this change may be effected in 
two stages. We may pass from dto c by changing the temperature 
from T to T — dT while the pressure is maintained constant, and 
then we may proceed from c to b by changing the pressure from 
P to P ■— dP while the temperature is constant. In the first step 
the volume change is e\ddently 

Cl?) dr since is slope of dc. 

In the second step the volume change is dP, 

Hence the total increase in volume is given by 

This is a very important mathematical relation and holds for any 
three variables say r, y, z, connected by a relation of the form 

jr = 4>(y, z) 

which merely expresses the fact that x is some function of y and 
2 so that if we fix the values of y and z the value of x is automatically 
fixed. 

Considering equation (18), as it stands, we may postulate that 
while P and T change, F must remain constant so that dF is 
zero and we obtain — 


so that 

■ ■ ■ <-> 

the suffix F on the left-hand side expressing the constancy of the 
volume. 

Since, as we have seen, JJ may also be regarded as a function 
of the temperature and the volume, equation (18) becomes 

Dividing through by dT and imposing the condition that the 
pressure is maintained constant we obtain — 

(dU\ ^/dU\ ^/dU\ /dV\ 

\dTjp \dTjy ‘ \dV/p\dT/p 


I.T. 


( 20 ) 
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We are now in a position to deduce a relation between the two 
heat capacities and 0,.. We have seen that ^ - C,, so 

that ecpiation (20) becomes— 



( 21 ) 


Now we know that 

n _ _ fd[U + PV)\ 

KdTJr \ dT ),. 




and since in the last term on the right-hand side P is constant, this 
tenn becomes so that we have 


C, 


\dTj. 


\dTj 


Combining (21) and (22) we obtain — 

In a similar manner, it may be shown that 




dTj, 


( 22 ) 

(23) 

(24) 


and the reader will find the deduction of this equation a useful 
example for practice. 

Another important mathematical relation, which will not be 
proved here, but the proof of which will be found in text-books of 
mathematics, deals with partial differential coefficients of the 
second order. It may be stated as follows : 


dP\dT)p dPdT 


. (25) 


Kirchhoff Equation. Let us consider some change occurring 
in a system, such as a chemical reaction, the volume of the system 
being kept constant. At temperature T the change is accompanied 
by the al^rption of a quantity of heat equal to q^. At a slightly’' 
higher temperature T dT the heat absorbed is q^ -f dq^. Let 
#1 be the heat cajmcit^r measured at constant volume of the system 
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before the change (the reactants), and the heat capacity at 
constant volume of the system after the change (the resultants). 
Suppose vre start with the reactants at temperature T, and finish 
with the resultants at temperature T — dT, We may carry out 
the change by either of two methods which may be conveniently 
represented by the following diagram (Fig. 6). 



Fig. 6. 


A represents the initial state and C the final state. We may 
proceed either (i) along AB and BC by first allowing the reaction 
to take place at constant temperature T\ and then warming the 
resultants to T -f dT, when the total heat absorbed is 

it "T 52^^ 

or (ii) along AD and DC. by first warming the reactants to the 
temperature T dT and then allowing the reaction to proceed 
isothermally at this temperature. The heat absorbed in this case 
is 

<7^ -f dq^ SxdT. 

Now since the volume is kept constant during these changes, no 
external work is done, so that by the Fii^ Law of Thermodynamics 
the total heat absorbed by either path is equal to the difierence 
in total internal energy between A and C and therefore the heat 
effect along either path is the same. That is 

ir "T dq-^. -r SidT + SodT 



Now for any reaction at constant volume we have by expression (5) 

q, = AU 

so that 
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This is Kirchhoff’s Equation, which enables us to calculate the 
temperature coefficient of the heat of reaction at constant volume 
from a knowledge of the specific heats of the reactants and resultants. 
The temperature coefficient thus obtained is very much more 
accurate than would be obtained by direct measurements of 
at various temperatures. 

Application of the First Law of Thermodynamics to a Cyclic 
Process. 

We have already seen that the internal energy of any system 
must be regarded as a property of the system, so that if we pass 
through any cycle of changes, the initial and final values of the 
total internal energy TJ are the same. In other words, for any 
completed cycle ACf = 0. But the first law imposes the condition 
that 

TJ — q — w 

and hence, for a completed cycle 

q — 10 ^ T) 

or q^w (27) 

111 words we may say that the total heat absorbed in any cyclic 
process is equal to the total work done by the system. 

Isothermal Expansion of a Perfect Gas. We will now 
proceed to describe an experiment which was carried out by Joule. 
Two large, similar vessels, connected by means of a tap, were 
immersed in a bath, which was kept thoroughly mixed, so as to 
maintain a umform tem;^ature throughout. Apparatus for the 
accurate measurement of any change in the temperature of the 
hath was employed. Vessel I was filled with gas, vessel II 
evacuated. The tap was now turned on, so that gas passed from 
I to II until the pressure was the same in both vessels. In this 
experiment, since there is no change in the total volume of the 
system the work done by the system upon the surroundings is 
zero, i.e. to = 0. Moreover, if we are dealing with a perfect gas, 
there will he no force of cohesion to overcome, so that there will 
be no internal work done in expanding. It should be noted that 
the expanding gas from I does work against the pressure of the 
gas which has already passed into II, hut this is counterbalanced 
by the fact that the same amount of work is required to compress 
the in 11, so that the net work is zero. Since, then, neither 
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internal nor external work is done, it follows tkat the total internal 
energy of the system is unchanged, i.e. At/ = 0. Hence, by the 
first law, since 

AU = q — y' 

it follows that q = 0. In other words, there should be no heat 
effect observed in the expansion. "WTien Joule performed the 
experiment outlined above he was unable to detect any change 
in the temperature of the bath with the apparatus at his disposal. 



Actually a slight temperature change does occur, owing to the 
mutual attractive forces existing between the molecules, but the 
experimental technique was not sufficiently delicate to detect it. 
For the case of a perfect gas, however, these forces are non-existent 
and hence the internal energy is independent of the yolume at 
any giyen temperature, or expressing the same idea in mathematical 
language, we write 



This may, in fact, be employed as a partial definition of a perfect 
gas and may be expressed thus : A perfect gas is a substance, the 
total internal energy of which is a function of the temperature 
only. This definition is not, however, complete as we shall see 
later ; other substances satisfy this condition which do not obey 
the gas law PF = RT. 

We will now proceed to a consideration -of the Second funda- 
mental law of Thermodynamics. 




CHAPTER II 

THE SECOND LAW OP THERMODYNAMICS 

The La^' of Conserration of Energy or the First law of Thermo- 
dynamics describes the (][iiantitative relations which obtain when 
one type of energy is transformed into another. The Second Law, 
on the other hand, deals with the limits of the interconYcrtibility 
of the difierent forms of energy. 

The First Law, as we have seen, was the result of the numerous 
unsuccessful attempts which had been made to produce a machine 
which would do worh continually without requiring any expendi- 
ture of energy, the repeated failures leading men to the conclusion 
that the cause lay in some deep-rooted law of Nature. Mayer 
and Helmholtz thus formulated the law of conservation of energy. 
But there remained a possibility which was by no means precluded 
by this law. It is true that energy caimot be obtained from no- 
where, but what of the vast stores of energy which are contained 
in the surroundings — the atmosphere, for example, or the ocean ? 
If these stores of heat energy could be converted into mechanical 
energy, we should have at our command a practically unlimited 
source of energy, which would render dynamos, steam engines, 
etc., unnecessary. 

But here again the efforts w'hich w^ould-be inventors have lavished 
upon the search for such a machine have met with repeated failure, 
and slowly the feeling gained ground that such an apparatus, which 
would convert the heat of the environment into mechanical work, 
must involve the contradiction of another law of Nature and is 
therefore an impossibility. We may tentatively express this con- 
viction hy saying that whereas, so far as we know, it is always 
po^ihle to convert mechanical energy (work) into heat (e.g. by 
causing the energy to rotate the paddles in a Joule calorimeter 
containing water), the reverse process, namely the change from 
heat into work, is only possible under certain conditions. 

To enable us to determine more precisely what these conditions 
are, let us consider the question of the transference of heat from 
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one body to another. Now we know that if two bodies at dif- 
ferent tomperatinres are brought into contact, heat flows from the 
body at the higher to the body at the lower temperature. This 
process occurs spontaneously and is usually described as a Natural 
Process.” iloreorer, we know that, by employing some mechanical 
contrivance, such, for example, as a steam engine, this process 
may be made to yield a certain amount of external work. The 
reveme process, on the other hand, namely the passage of heat 
from a body at a lower to one at a higher temperature, does not, 
to the best of our knowledge, occur naturally or spontaneously, 
but it may be made to occur by the application of external work, 
i.e. by causing the environment to do positive work upon the 
system. Clausius therefore put forward the following principle : 
"" It is impossible for a self-acting machine working in a cycle, 
imaided by any external agency, to convey heat from a body at 
a low temperature to one at a higher temperature ; or heat cannot 
of itself (i.e. without the performance of work by some external 
agency) pass from a cold to a less cold body.^’ 

A somewhat different statement of the same principle, due to 
Lord Kehin (1851), is as follows : 

It is impossible, by means of inanimate material agency, to 
derive mechanical effect from any portion of matter, by cooling 
it below the temperature of the surrounding objects.’’ 

These may serve, for the present, as partial statements of the 
Second Law of Thermod^mamics, but, as we shall see, the second 
law itself is much more general and far-reaching in its application. 

We are now, however, in a position to derive a mathematical 
expression which is of great utility and which depends upon this 
partial aspect of the second law. Suppose we have one mole of a 
perfect gas enclosed in a cylinder, which is fitted with a movable 
piston. The cylinder and its contents are brought into contact 
with a large reservoir at the constant temperature Ti, and the 
gas is allowed to expand isothermallv and reversibly from its 
initial volume 7^ to a volume Fp. The work done by the system, 
since the expansion is reversible, i.e. maximum work is done, is 
-AA^ = RT^hi Y.JV, . . . . ( 1 ) 

Since, as we have seen, the change iu internal energy of a perfect 
gas during isothermal eq)ansion or contnraction is zero, i.e. MI = 0, 
we have, by the first law, 

- 
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= RTi U Fa/Fi (2) 

The reservoir is assumed to “be of sufficient capacity that tlie loss 
of this quantity of heat does not affect the temperature. The 
system is now cooled from the temperature Tj to the temperature 
T 2, the volume being maintamed constant. The heat given out 
will be where is the molecular heat of the gas at 

constant volume. 

The third step in the process consists in causing the gas to 
contract isothermally and reversibly to its initial volume Fi, the 
system being in contact with another large reservoir of heat at 
the temperature Tg. Work will have to be performed upon the 
system by the surroundings by amount ItT^ In V^/Vj, so that 
the work done hy the system is 

~~ Ada = - In Fa/Fx .... (3) 

and since 

— AA 2 = g2 

we have 

= — RTi In F 2 /F 1 (4) 

Finally we must warm the gas to its initial temperature Ti at 
the constant volume Fi. The heat absorbed is C^(Ti — T 2 ) which 
is exactly equal to the heat evolved in the second step of the 
process. 

We have now completed the cycle, the system being again in 
its initial state. The total work performed by the gas over the 
whole cycle is, since the net temperature change is zero — 

= RT^ In F2/F1 ~ RT2 In F^/F^ 

= .... (5) 

But by equation (2) we have 

" R In F 2 /F 1 

so that expression (5) becomes 

= ( 6 ) 

If, now, we decrease the difference between the temperatures Ti 
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and jTg to an infinitesiniallr small quantity this expression 
becomes — 

d{-lA) = q^f^ ( 7 ) 

It is now necessary to show that this expression, w-hich has been 
deduced for the ideal case of a perfect gas, is, in reality, perfectly 
general and entirely independent of the system imdergoing the 
cycle. The proof is known as Carnot’s Theorem. 

Before proceeding with the proof, however, we must consider, 
a little more closely, the nature of a reversible process, although 
a complete discussion mil be deferred until we have considered 
the full significance of the second law. A reversible process is, 
strictly speaking, an impossibility, since it assumes that all the 
forces are exactly balanced. Thus, for example, we consider the 
expansion of a gas mth the opposing external pressure exactly 
equal to the internal gas pressure, or the sinking of a solid when 
the upthrust due to the water is exactly equal to the gravitational 
force exerted upon the solid in the downward direction so that the 
body can just float. These processes are evidently impossible and 
in order that they may be considered at all feasible, we imagine 
that an injimtemmal difference exisU between the ojppodng Jorces. 
This has been done, already, in the consideration of the case of 
an expanding gas, w'here we regarded the external pressure P, 
opposing expansion, as being smaller than the internal gas pressure 
by an infinitesimal amount iP, The work done by the system 
in expanding through an infinitely small volume dV is PdV. Xow 
if we consider an infinitesimal change to occur in the pressures, 
so that the internal pressure is P — dP, the external pressure, as 
before, P, then the work done by the surroundiags upon the 
system when it contracts through a volume dF is (P — dP)dY or 
PdF - dPM. 

Now dP.dF is of the second order of differentials and may 
therefore be neglected in comparison with PdV which is of the 
first order. Hence the work done upon the system is PdF. This 
is equal to the work done by the system in the former case of 
expansion. Hence the reversal of the direction of motion requires 
that the same work factor is involved, only that, whereas in the 
one direction work is done by the system, in the reverse direction 
the same quantity of work must be done upon the system or in 
other words in one direction the work output of the system is 
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positive, in the opposite direction it is negative in sign but numeric- 
ally identical. This is the fundamental property of the reversible 
process from wHch its name is derived. 

The nearest approach to such a reversible process in actual 
practice is obtained in the measurement of the electromotive force 
of a cell by means of the Wheatstone bridge method. In this 
measurement the P.D. from the cell is just balanced by an opposing 
P.D. of a magnitude as nearly as possible the same. The current 
passing through the galvanometer (and therefore the current taken 
from the cell) is negligibly small, and the processes occurring in 
the cell are thus, as nearly as possible, proceeding reversibly, 
doing maximum -work: against the opposing P.D, 

It will be obvious that, in every reversible process the force 
opposing the change is the maximum possible for the process to 
occur at all. If it be just greater by an infinitesimal amount the 
" process cannot occur. Hence the work done in any reversible 
process is also a maximum, since the work done is the product 
of a force — ^the intensity factor, and a distance — ^the capacity 
factor which is obviously constant for any given process. 

Carnot’s Theorem. Suppose that, in addition to the perfect 
gas system already considered (which we shall call System I), we 
have another system (II), working reversibly in a cycle, which 
takes in the same quantity of heat qi at the higher temperature Ti 
as does system I, but gives out less heat than system I at the lower 
temperature T^. Suppose the amount given out at temperature 
T\ is q/ (where qz' <Cq 2 ) • Then, for the whole cycle, we have 
AU = 0, so that the work done by the system w = where 

w is greater than — A4, the maximum work of system I. We 
may now consider the two systems linked up together, system II 
working in the forward direction and performing positive work 
system I workmg in the reverse direction, i.e. taking in heat 
from the reservoir at Yg and giving out heat q^ to the reservoir 
at temperature Ti. The work required by system I is — AA and 
tMs may be done by system II when an amoxmt of useful work 
Ad) is left over and is available for any purpose we 
desire. Now system I takes more heat from the cold reservoir, 
namely than is replaced by system II, so that we are con- 
thmously converting heat from the coldest surrounding body, i.e. 
tile j^^rvoir at into useful work, and this contradicts the 
statement of Kelvin given above. If we cause this extra work 
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[w — (— iL4)) to be conrertod into heat and allow this heat to 
pass to the hot reservoir, we have a system which '^^ill cause heat 
to pass continuously from a cold to a hot body without requiring 
any work, i.e. the statement of Clausius is contradicted. 

It follows from this theorem that the work done by any system, 
working in a reversible cycle between the same temperature limits, 
must perform the same amount of work. This work is the maxi- 
mum 'work of the cycle. Of course, if heat losses occur through 
friction, etc., as in fact they do in ail actual processes, the work 
performed will be less than this maximum, even if we have managed 
to approximate to reversible conditions. We thus obtain, for any 
reversible cyclic process, working between the two temperatures 
Ti and Tn 

~AA=^(r,- T,) (8) 

where qi is the heat taken in by the system at the temperature Tj. 

suppose the temperature difference (Ti — T^) is infinitesi- 
mally small, so that the temperature limits may be denoted by 
I and T — dT, then 

d{~lA) = l.dI (9) 

We have thus arrived at a most important result which amounts 
to a mathematical formulation of the second law for a reversible 
cyclic process- 

Let us now consider the following cycle. Suppose we have any 
reversible process whatsoever occurring in a system at the constant 
temperature Ti, such, for example, as a chemical reaction (conducted 
reversibly), and suppose that the work done by the process at this 
temperature is (— AA)i. This is the first stage of the cycle and 
involves the absorption of a quantity of heat. The next stage 
consists in cooling the system revembly from the temperature Ti 
to the temperature Tg, the volume being maintained constant. 
In the third stage the system is caused to undergo exactly the 
reverse process to that occurring in stage I, the final volume to 
be identical with the volume at the commencement of the cycle. 
The work which must be done upon the system is (— AA)^ and this 
is, since the process is reversible^ the work which the system would 
perform if the process occurring at stage I were carried out at 
temperature Tj* Finally, the fourth stage consists in raising the 
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temperatuie of the system to Tj, the volume being maintained 
constant. The cycle is now complete and we may therefore write— 

Now (— AA) = (— AA)i — (— AA )2 is the difference between the 
work done hy the system in undergoing the process at the two 

— AA 

temperatures fi and ; hence the limit of the ratio ^ 

-^1 2 

as the temperature difierence becomes infinitesimally small, namely 

is the temperature coefficient of the maximum work 
di 

done by the system when the process occurs reYersibly and isotherm- 
ally at the temperature T, Since, however, we have ensured that 
no volume change shall occmr as a result of the change in the 
temperature from Ti to we must express this fact by VTiting 

the coefficient, ^ . We have, then, for any reversible, 

isothermal process whatsoever, 

™ 

where q is the heat absorbed by the system during the process at 
temperature T. 

Now the process itself is perfectly general. It may and often 
does involve a volume change in the system. Let us consider 
some process in which the only work done is in expansion against 
a pressure, i.e. no electrical "work, etc., is performed. The w^ork 
done by a system in expanding, against a pressure, P, through a 
volume dV is 


-^A^PdV ( 11 ) 

Now we have assumed that the volume change is in no way 
dependent on the temperature and hence we may regard dF as a 
constant and difierentiate the expression for — AA with respect 
to temperature. We thus obtain — 




9P> 


the s uffix Y referring to the fact that the volume in no sense depends 
upon the temperature. Hence, from expression (10), 

7i/9P\ 
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Now tte heat absorbed when a svstem undergoes expansion through 
unit volume is often termed the latent heat of expansion of that 

svstem. so that, if we denote the latent heat bv L we have L = 

a V 
or 




Let us now apply this very important relation to the case of 
vaporization of a liquid. Let a he the latent heat of the process 
per mole of the liquid. V. and the volumes occupied by one 
mole of the liquid and vapour respectively. Then the latent heat 
per unit volume change i.s 






Hence equation (13) gives 



where P is the vapour pressure of the liquid at the absolute tempera- 
ture T, This is known as the Clape}Ton equation. It applies 
equally to the case of fusion and connects the slope of the pressure- 
temperature diagram with the latent heat of the process, the 
absolute temperature and the volume change. 

We may simphfy the exact form of the equation ( expression 14) 
by first of all neglecting TA the volume of the liquid in comparison 
vith 1^2 the volume of the vapour, and secondly by assuming 
that the vapour obeys the gas law PT = RT per mole, so that 
RT 

7. = The C’lapepon equation thus becomes — 


(^ 1 \ 

KdTJr RT- 
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Illusteatioi^s of the Application^ of the Clapeyron 
Equation. 

I. At wliat height must the barometer stand in order that 
■water may boil at 101° C. 1 

Let the rise in the pressure be ic cms. of mercury for a rise in the 

/cP\ 

bailing-point of 1° C. That is ^ cms. 

so that = a? X 13-6 X 981 dynes per degree. 

P = 1 atmosphere = 10® dynes approximately. 

Hence 

1 /dP\ _xx 13*6 X 981 

PWJv 10 ® 

X — 536 cals, per gram == 536 X 18 cals, per mole at 100° C. 

R = 2 cals. 

It follows that 

ir X 13-6 X 981 __ 536 x 18 

1^ 2 X (273 + 100)2 

so that X ~ 2-7 cms. 


i.e. the barometer must stand at 787 mms. 

n. What win be the change in the freezing-point of -water if 
the pressure be increased by 1 atmosphere ? 

The Clapeyron Equation is for the case of fusion 

/9P\ _ A 

where Fg is the volume of 1 gm. of liquid water, Fi is the volume 
of 1 gm. of solid ice. Experiment gives Fo == 1 c.c. ; Fi = Id c.c. 
Hence — Fi = 1 — Id = — Od c.c. 

The latent heat of fusion per gram is 80 calories. If we measure 
the pressure in dynes this must be expressed in ergs, so that 


Hence 


/ = 80 X 4*2 X 10^ ergs per gram. 
/dP\ _ 80 X 4*2 X 10’ 

KdTJ r 273 X (- Od) 


= — 1*2 X 10® dynes per degree. 

The negative sign indicates that as the pressure increases the 
temperature of fusion falls. This is a consequence of the fact 
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that the volume of the liquid is less than that of the solid. If we 
express this coefficient in atmospheres per decree, since I atmosphere 
is equal to 10® dynes, we have— 

/dP\ 

= — l-2x 10- atmospheres per degree. 

\CT / pr 

The reciprocal of this gives the rise in temperature for an increase 
in prepare of 1 atmosphere, that is 

— 1^’(L- 10'^) ~ — 0-W83 degrees per atmosphere, 

i.e. the temperature of fusion falls 0*0083' for one atmosphere 
increase in pressure. It will be evident that this effect is extremely 
minute, as would be expected from the small volume change accom- 
panying the fusion process. Note that for a substance such as 

benzene, for example, negative as in the case of 

water. 

Another extremely important relation, which we are now in a 
position to derive, is the Gibbs-Helmkoltz Equation. This is obtained 
by substituting the value of q for any reversible process given by 
equation (10) namely 



in the expression, for a reversible process, of the First Law of 
Thermodynamics, xh. 

AT ^q-AA. 

We thus obtain 

.... (16) 

The importance of this equation will be more manifest later. It 
is, as we have seen, a result of the combination of the First and 
Second Laws of Thermodynainics. 

We must now consider the Second Law of Thermod}mamics in 
greater detail and attempt to arrive at a more complete concep- 
tion of its meaning and applicahilitY. In the case of the passage 
of beat from one body to another, we saw that the Second Law 
differentiated between the Natural ” or spontaneous process — 
beat passing from a warm to a colder body, and the impossible ” 
proce^, i.e. the proce^ which does not occur naturally, namely 
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the passage of heat from a cold to a warm body. Now we saw 
that the difierence between these two types of process, in the case 
of heat transfer, is that whereas the former is always capable of 
yielding a certain finite amoimt of work, the latter process cannot 
be made to occur unless a finite amount of work is performed upon 
the system. It therefore seems not unnatural to extend these 
ideas to the case of any process whatsoever, and say that : All 
natural processes are, when properly applied, capable of yielding 
a finite quantity of mechanical work, and all unnatural processes, 
namely the reversal of natural processes, require for their accom- 
phshment that a finite amount of work be performed upon the 
system. If the external conditions are such that the natural 
process ydelds the maximum work, i.e. if the process is reversible, 
then in order to reverse the process the same quantity of mechanical 
work is required by the system. Repeated efforts have been made 
to test the validity of this idea of the natural process and no single 
experimental exception has been observed. This, then, is one of 
the ways in which the Second Law may be stated. 

Now, if we have a natural process occurring in some system, 
we know that the process will eventually stop and the system will 
no longer undergo any change. The system is then incapable of 
doing any external work and we say that it has arrived at a con- 
dition of Eqidiaynum. We may therefore say that every system 
which is not already in a condition of equilibrium, tends to change 
in such a manner as to attain to that state, and is, in virtue of 
this tendency, capable of performing a certain finite quantity of 
external work. This process of change towards a condition of 
equilibrium is sometimes spoken of as a degradation of the 
system as a whole,” since the quantity of external work which 
the system is capable of performing is gradually decreasing, and 
in fact the maTcimum work which the system is capable of producing 
will ^ve us some measure of how far the system is from the equili- 
brium state. We shall employ this fact when we come to discuss 
equilibrium in greater detail. For the present, however, we pro- 
pose to consider a more complete measure of the “ tendency to 
change ” of a system. This is the extremely important, though 
somewhat abstruse conception of entropy. 

We have alre^y seen that a reversible process is, strictly speaking, 
an impc^bility. All actual, natural processes are therefore irre- 
versible, and the reversible process is, in fact, the limiting case — 
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the point at which the natural process passes into the unnatural 
process. This will perhaps be made dearer by considering once 
more the process of expansion against a pressure. Consider a 
substance enclosed in a cylinder which is fitted with a piston. 
The piston, in moving outwards and allowing the substance inside 
the cylinder to expand, has to do work against an external 
pressure P. 

If the pressure of the substance inside the cylinder is Pi then so 
long as P is less than Pi the system tends to expand naturally. 
This process is irreversible and the ’W'ork done by the system is 
less than the maximum. As the external pressure is increased to 
approach the value of the internal pressure Pi, the process becomes 
more and more nearly reversible, and the tendency for it to occur 
becomes smaller, since there is greater resistance to overcome. In 
the limit, when P is equal to P^, the process is reversible and cannot, 



Fig. 8. 


in actual fact, occur at all. If, however, P is still further increased, 
the natural process is no longer expansion but contraction and 
work must be performed upon the system to enable expansion to 
occur. We thus see that the measure of the tendency to change ” 
of a system is, in effect, a measure of the degree of irreversibility 
of the natural process which the system is imdeigoing at the moment 
of consideration. 

Now, in order to find a suitable measure of the degree of irre- 
versibility of a given process, we compare it with some standard 
irreversible process, and we here propose to adopt the simple 
standard process employed by Lewis and Randall in their intro- 
duction to the subject of entropy {Thermodynamics and Free 
Energy of Che/nieal Subsfa/ices). This standard system consists of 
a coiled spring which naturally and therefore irreversibly tends to 
uncoil itself and thereby to perform a certain quantity of mechanical 
work. This work, we shall suppose to he converted, by friction, 

T.T. 


n 



34 SECOND LAW OF THERMODYNAMICS 

into teat, and the heat to pass to a heat reservoir which is supposed 
to be of sujBEicient size that the heat absorbed does not alter the 
temperature T. Denote the quantity of heat -which passes to the 
reservoir by q, then this quantity q gives us a partial measure of 
the degree of irreversibility of the process of uncoiling of the 
spring, since it is evident that the further the spring is coiled the 
more work it can do and consequently the more heat will be given 
up to the reservoir. This, however ^ is not quite complete. We 
must also consider the temperature of the reservoir. For suppose 
we have a system consisting of the spring and two reservoirs, the 
one at a temperature T, the other at the lower temperature T. 
Then when the spring uncoils itself, heat q passes irreversibly to 
the reservoir at T. But we may now allow this same quantity 
of heat to pass from the warmer to the cooler reservoir, and this 
is a natural and therefore irreversible process. The net result is, 
however, the same as if the heat q had passed immediately into 
the second reservoir at T' and therefore the lower the temperature 
of the reservoir the greater the irreversibility of the process. More- 
over, it is reasonable to say that if heat q passes from a reservoir 
at temperature T to one at absolute zero then the process is twice 
as irreversible as the passage of the same quantity of heat from a 
T 

reservoir at temperature ^ to one at absolute zero. 

We thus see that the most complete measure of the degree of 
irreversibility of the process xmder consideration will he obtained 
by regarding it as directly proportional to the quantity of heat q 
which passes to the reservoir and inversely proportional to the 
absolute temperature of the reservoir, T, and it may therefore be 
defined as the ratio q/T. As the spring uncoils, the system 
approaches more nearly to the condition of equilibrium. It thus 
gains somewhat more of those properties which characterize the 
equilibrium state. We express this by saying that the system 
gains in entropy, and we equate the gain in entropy for the 
spring-reservoir system to q/T. Thus if be the initial and S 2 
the fiiml value of the entropy, then 

= | ( 17 ) 

We may note that entropy has the same dimensions as heat 
capamiy and may therefore be expressed in calories per degree. 
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If, as usual, we denote an increase in entropy by AS, equation (17) 
becomes 

AS = | (18) 

for the spring-reserToir system which we have considered. 

Ha\dng now defined our standard process, the next point is to 
consider how we may employ it to determine the degree of irre- 
versibility of any other natural process occurring in some system, 
or, in other words, to determine the increase which occurs in the 
entropy of the system as a result of the proce^. 

Suppose we consider some irreversible change, such, for instance, 
as a chemical reaction, occurring in a system A. Xow we can 
imagine some mechanism by means of which this process may 
be completely reversed, provided mechanical work be done upon 
the system. This is not always easy in practice ; thus, for instance, 
if a complex material such as wood or paper he burned, there is 
no known method of reversing the process so that the products 
of combustion are transformed into the initial substances again. 
But this does not affect the thermodynamical argument. It is 
sufficient for our purpose that the process should theoretically be 
possible, and, in fact, is possible in certain simpler cases. Thus, 
for instance, when hydrogen and oxygen combine ^vith explosive 
violence to form water the process is irreversible, but, by means of 
mechanical work, we can produce- electrical energy and electrolyse 
the water formed, the original gases being reformed. 

We now propose to supply the mechanical work necessary to 
restore the system completely to its initial state, by means of the 
energy of the coiled spring, and to effect the restoration, in such a 
manner, that every single step in the process is reversible. The 
temperature of the reservoir is regarded as equal to that of the 
system under consideration. The work which must be done upon 
the system by the spring is obviously, under these conditions, a 
minimum, being equal to the maximuin work which the forward 
process was capable of performing if it had been conducted reversibly 
instead of irrevemibly. The system (Spring -j- System A) has 
therefore gained in entropy by the amount AS, say. Suppose the 
work done by the spring is equivalent to heat q. Then the spring 
lost this amount of energy. Suppose instead of causing this 
energy to do work upon system A, we had allowed it to pass to 
the reservoir at temperature T, then the increase of entropy of 
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the spring-reservoir system would be But the system A is 

now completely in its initial state, so that the entropy of the 
system is now restored to the value it had before the process 
occurred. Hence the forward change, which we are considering, 
corresponds to an increase in entropy of system A equal to 

= I (19) 

It will be evident that we have regarded Entropy as another 
property of the system, being completely determined by the 
present state of the system and in no way dependent upon its 
history. As in the case of Total Internal Energy U and Heat 
Content we are concerned only with changes in entropy and 
not with the actual value of the entropy of a system. It follows, 
from the definition of entropy change, that if we double the 
quantity of substance undergoing the change the heat term q will 
he doubled and hence the entropy change is doubled. Entropy 
is thus an extensive property of the system. It follows, also, that 
the entropy of any system is equal to the sum of the entropies of 
aU the separate portions of that system. 

We mayj as in the case of Internal Energy U, state this fact, 
that the Entropy is a property of the system, in a somewhat difiei- 
ent way by saying that the total change in entropy when a system 
pa^es through any cycle of changes, such that the initial and 
final states are identical, is zero, or, for a completed cycle 

AS = 0 (20) 

This is a very important and useful point of \dew. 

We have thus obtained a method of determining the increase in 
entropy which occurs when any irreversible change takes place 
in a system, although the method may appear somewhat arbitrary 
and not always easy of application. The question of entropy 
presente, however, many difficulties to the student and it will be 
weE to consider the matter a little more closely. 

Suppose we have a completely isolated system, i.e. a system 
which is wholly segregated from its surroundings. We have seen 
that the total internal energy of such a system necessarily remains 
constant, since no energy can pass to or from the system. This 
is not, however, the case with the total entropy S of the system. 
X.nl^ all the separate parts of the system are in equilibrium, 
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internal changes will occur. Thus, for instance, if our system 
consists of dilute brine in contact with sodinm chloride, more salt 
dissolves in the solution. Again, if the system consists of a gas at 
high pressure in contact with the same gas at a lower pressure, 
the pressure tends to equalize itself by the diffusion of the gas 
from the region of higher to that of lower pressure. All such 
natural processes involve an increase in the entropy of the system 
as a whole and this increase may be determined by allowing the 
process to occur naturally and then bringing the isolated system 
into contact with the spring-reservoic system and causing the 
spring to do work reversibly upon the isolated system in such a 
manner that the system is completely restored to its initial state. 

Suppose, however, that a reversible change occurs in this isolated 
system. Now we may cause such a process to go in the opposite 
direction, without requiring to perform any work upon the system 
from outside, that is ^vithout our ha\ing recourse to the spring- 
reservoir system at all. Hence it follows that when a reversible 
process occurs in an isolated system the entropy of the system 
remains constant. This follows immediately from our definition 
of entropy change as degree of irreversibility, since obviously, the 
degree of irreversibility of a reversible process is zero. 

We are now in a position to make what is, in effect, the most 
general and complete statement of the Second Law of Thermo- 
dynamics. 

In any completely isolated system the entropy tends to 
increase to a maximum value, unless it has already attained to that 
maximum value, that is, unless the system has already arrived at 
a condition of equilibrium. 

It should, however, be carefully noted that this definition only 
applies to a completely isolated system. Now, in actual practice, 
we can never deal with such a system, although we sometimes 
approximate to one, and it is by no means true that the entropy 
of every part of an isolated system or the entropy of a non-isolated 
system always tends to increase when the system is not in equili- 
brium. Thus, for instance, suppose we have a body at a tempera- 
ture I ~ dT in contact with a large reservoir of heat at temperature 
T. Heat will pa^ from the body to the reservoir. Let the amount 
of heat which so passes be Now since the difference in tempera- 
ture is infinitesimally small, the process will be, in effect, reversible. 
Nevertheless, heat has passed from the body and we propose to 
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inquire wiat change, if any, has occurred in the entropy of the 
body itself irrespective of the reservoir. Now we cannot simpty 
employ the spring-reservoir system to reverse the process, for 
that involves bringing in the reservoir again, or some other reservoir 
of the sanae temperature, and we have already seen that for the 
total system Body -{- Reservoir there has been, since the passage 
of heat was effected reversibly, no change in entropy. The reverse 
change could therefore be accomphshed vithout requiring the 
spring at all and we have not arrived at a solution of the problem 
of the entropy change in the body itself. Let us, however, consider 
what happened to the reservoir during the initial process of the 
passage of heat g from the body. This heat q was absorbed by 
the reservoir and it could have been obtained by the uncoiling of 
a spring, in connection, as before, with the reservoir. The spring- 
reservoir system would thus have suffered a degradation and 

therefore an increase in entropy of amount ~. Hence the body 

must have imdergone a decrease in entropy of 

In general, therefore, if a body absorbs heat reversibly, from 
the surroundings, of amount q calories, then there is an increase 
in the entropy of the body AS, where 

( 21 ) 

T being the temperature of the body. 

This very important relation is the usual definition of entropy 
change and is that employed originally by Clausius. It is, however, 
far more difficult to comprehend its meaning from this point of 
view since it is essentially as a measure of the irreversibility of a 
process that we require the concept of entropy. 

It may be useful here to summarize our ideas of entropy changes 
as follows : 

(i) In any completely isolated system the entropy tends to increase 
towards a maximnm unless the system has already attained a 
condition of equihbrium. The entropy increase is a measure of 
the degree of irreversibility of the process occurring in the system. 
If the prwe^ is reversible the change in entropy is zero. 

(ii) Eor a non-isolated system, we can postulate no such general 
law. If, however, the process occurring is reversible and involves 
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the absorption of heat q from the surroundings there is an increase 

in entropy of 'where T is the temperature of the system. If the 

system absorbs heat q rewersibly and converts this into work 
there is a decrease in the work content but an in-creme in the 

entropy of or, since q = — A J[, the increase in entropy is 

It will be e'ddent that in the very familiar process of the radiation 
of heat from a warm to a cold body, there is a decrease in the 
entropy of the warm body. Since, however, the process of radia- 
tion is irreveisible the decrease is less than the increase in entropy- 
of the cooler body, so that the total entropy of the two bodies 
together increases. 



CHAPTER III 


SOME CONSEQUENCES OF THE FIRST AND SECOND 

LAWS 

We have now considered, in some detail, the two fundamental 
laws, upon which the whole of the classical structure of Thermo- 
dynamics was built. Before proceeding, however, to apply these 
laws to the specific problems of physical chemistry, we shall find 
it of great advantage to develop our ideas by tracing some of the 
more important consequences of these laws. For this purpose, the 
language of mathematics is undoubtedly the simplest to employ, 
although the student may not find it always the easiest to under- 
stand. It will therefore be found advantageous, wherever possible, 
to translate the results obtained by means of mathematical reason- 
ing into the ordinary language of the physical chemist. 

In the first place, we know that the heat dq which is absorbed 
when any system is warmed through an infinitesimally small 


interval of temperature dT is 

dq^CdT (1) 

where C is the heat capacity of the system. If, now, the volume 
is maintained constant, the heat capacity C becomes so that 

dq' = GJT (2) 


Suppose now that the volume is changed by an infinitesimal amount 
dY while the temperature is kept constant. Then since L is the 
latent heat of expansion of the system per unit increase in volume, 
the heat dq^ absorbed is LdY. The net result is the same as if 
the volume change and the temperature change had occurred 
simultaneously so that the total heat absorbed over the whole 
prcK^ess is dq = dq' dq", that is 

dq = O^dT + LdV (3) 

This is a perfectly general equation and refers to any change which 
takes place in a system. The expansion is effected against the 
pre^ure P of the surroundings, so that the work done by the 

40 
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system is PdV, In general tliis process will be accompanied by 
a change in the total internal energy T of the system. Let ns 
suppose that the internal energy is increased by an infinitesimal 
amount dt\ then the First Law for the system takes the form — 

dV - dq -PdJ (4) 

Substituting the value of dq given by equation (3) we obtain — 

dU =^C^T -~(L~P)dY .... (5) 

Let us now apply this equation to the particular case of a perfect 
gas. We have seen, in our consideration of Joule’s experiment, 
that the internal energy of a perfect gas is a function of the tem- 
perature alone, being independent of the volume occupied. Hence 
the term containing the volume element dV must be zero, that is, 
for a perfect gas — 

{L - P)dV = 0 

or L = P (6) 

and dU = C,dT (7) 

We may therefore substitute P for L in equation (3) and obtain, 
for the case of a perfect gas — 

dt - C\dT -r PdV (8) 

We have, in the previous chapter, defined the entropy as an 
extensive property of any system, and we have shown that for any 
completed cycle of changes there is no change in the total entropy, 
or AS == 0. It will, however, be instructive to consider a cyclic 
change performed upon a perfect gas and to follow the entropy 
changes which occur. 

We have seen that when a perfect gas undergoes any change 
whatsoever, the following relation between the heat absorbed and 
the changes in volume and temperature, must be satisfied at every 
step in the process ; 

dq = C\dT ~ PdV. 

If the process is conducted reversibly P is equal to the pressure 
of the gas itself and moreover we may, for such a process, obtain 
the entropy change, simply by dividing this expression through by 
the temperature T. Thus 



( 9 ) 
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If we are dealing with one mole of a perfect gas we may apply the 
gas law in the form P7 = RT, so that .equation (9) becomes — 






= G^d In T + Rd In V . . (10) 

Now since we may assume that the molecular heat of a perfect 
gas at constant volume is a constant, we may integrate equation 
(10) and obtain — 

S = C^ln T + Rln V + S' .... (11) 

where S' is an integration constant. 

This is an equation of great importance and is the so-called 
entropy equation of a perfect gas. The constant S' is evidently 
the value of the entropy of one mole of a perfect gas at one degree 
absolute when it occupies unit volume (that is the entropy it 
would have if it could exist as a gas under these conditions). Its 
value is not determinable on the basis of elementary thermo- 
dynamics. 

If, now. we allow the volume of the mole of gas which we are 
considering to change from Fi to V 2 , while the temperature changes 
from to To? then the entropy changes from Si to S 2 , where 

S^ Si — Cj, In -j— R In (12) 

Now it is e\udent that if we consider the gas to luidergo any 
complete cycle of changes so that the initial and final states are 
identical, i.e. Fi = F 2 and Ti = To, then equation (12) becomes — 

So — Si = (7, In R In ^ =z ( 13 ) 

-^1 y 1 

or the initial and final values of the entropy are the same. Thus 
we see that for the case of a perfect gas the total entropy change 
over a complete cycle is zero so that entropy is a true property of 
the system. 

Dependence of Entropy upon the Variables of a System. 

Vr C now propose to consider the variation of the entropy of any 
system whateoever with the other variables Pressure, Volume and 
Temperature. According to equation (1), we have — 
dq = GdT 

m that 




( 14 ) 
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TMs is the most general equation for the entropv change, but its 
use is restricted, since vre do not ordinarily measure the heat 
capacity except for changes either at constant yolume or constant 
pressure. Suppose the volume of the system to he maintained 
constant, then equation (14) becomes 

dS = % = CdT/T 
T " ' 


or expressed with greater mathematical precision, since the volume 
is not allowed to vary, 



(15) 


This equation shows us that for any s\’stem undergoing a change 
at constant volume the entropy-temperature coefficient or the slope 
of the entropy-temperature diagram is equal to the ratio of the 
heat capacity at constant volume to the absolute temperature. 

Again, if we keep the pressure constant we obtain — 


KdTJp T 


(16) 


This is perhaps an even more important equation than expression 
(15), since, as we have already remarked, most of our experimental 
work is performed at constant pressure. It enables us to calculate 
the entropy change occurring in any system as a result of an 
increase in the temperature. 


But we have already seen that Cj. 3 equation 


(15) becomes — 


and Cp = 




that equation (16) becomes — 


(ID 


\^) p~T\dT) p 


. (18) 


We may now perform the purely mathematical operation of 
differentiating equation (17) with respect to volume keeping the 
temperature constant. We thus obtain 

1 /acA __ d^s ^ 

T\dvjp dTdV TdTdV' ’ • ‘ ^ f 



we mav write- 
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Similarly, from equation (18) we obtain 

1 /dOp\ _ __ 1 m 

TKdPJT dTdP TdTdP ' • • • (^ 0 ) 

Now accordiug to equation (4), we have, for any system — 
dU = dq- PdV 

and since dS = we may write — 

dU = TdS~Pd7 (21) 

Let us confine our attention to an isothermal process and divide 
the equation through by dV. We obtain 

'dU\ _rp/'dS\ „ 

dv)r ~ ^\w)r ^ 

Differentiate equation (22) with respect to the temperature 
keeping the volume constant, then 

d^-n _rpd^S , fdS \ /dP\ 

dVdP dTdV ' \dv)j, W/r ■ ■ ■ 

But by equation -(§0) 

d-^U _ ^ d^-S 
dVdT dTdV 
so that equation (23) becomes 

/dS \ /dP 
VaF/j. W , 

This equation tells us that for any system at a given tempera- 
turC; pressure and volume, the entropy-volume coefficient for a 
re^ei^ible isothermal change is equal to the slope of the pressure 
temperature diagram, or the pressure-temperature coefficient for a 
reversible change at constant volume. We are thus enabled to 
calculate the change in the entropy of a system corresponding to a 
change in volume, at constant temperature. 

This equation involves, however, a coefficient which is 

1 T • \^T / Y 

rarely measured m practice, so that it is usual to transform it by 
means of equation I (19), which states that 

©,-=-(S)y(S), 


7p/ 


SO that 
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Now the coefficient of cubical expansion of a svstem is always 

/cF\ 1 

measured at constant pressure and is therefore • y* 

denote this by a. Again — ^ so-called coefficient of 

compressibility so that, denoting this by (5, equation (25) becomes 

/dS \ 


Again, we have defined the heat content of a system, H by 
H=U~r py. 

Hence dH = dU -r PdV VdP 

which, by equation (4) becomes 

dE^TdS~YdP .... (21 

In precisely the same manner as before, we obtain 

T- /rr/d^Sx . /dH\ 


■■ 


or substituting again the value for the coefficient of cubical expan- 
sion a. we obtain 

( 1 )^=-,. ...... , 30 , 

This equation tells us that the entropy-pressure coefficient for an 
isothermal process is opposite in sign but numerically equal to 
the product of the volume and the coefficient of cubical expansion 
of the system. We have thus shown how the entropy changes 
with volume and pressure in the ease of an isothermal process. 

rBS \ 

) given bv equation 


Let us now substitute the value of ty equation 

(24) in equation (22). The resulting equation is 

^ 


• ( 31 ) 


In a similar manner from equations (28) and (29) we obtain 
,, ^/aF\ . /dH\ 


<"> 

These equations are of great importance since they amount to 
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thermodynamical equations of state which must be satisfied by 
any system whatever. 

Now, in our consideration of the first law, we obtained the 
relation (equation I (23)) — 






SF\ 


Substitute the value of P given by equation (31) and we arrive 
at the important relation — 


w ^\dT)y\dT)i 


(33) 


which again on introducing the expression given by equation I 
(19) becomes 

'dW- //dV\ 


Cp-0, - 


(34) 


Substituting the value of the coefficient of expansion a = 


and the coefficient of compressibility ^ = 

<f?VT 


l(^l\ 

FVSP/t. 


a = 




) we obtain 


(35) 


This equation is of great practical utility, since the values of the 
coefiScients on the right-hand side are all easily obtainable and we 
are thus enabled to calculate (7^., which is difiicult to determine 
directly, from the known values of C^. The equation is, as we 
have seen, perfectly general and is applicable to any system 
whatsoever. 

It may be of interest as an example of the mathematical mani- 
pulation of these quantities, to deduce, from a consideration of 
entropy change, a relation already obtained (equation II (13)) for 


the latent heat of expansion of a system, namely L = T 
We may start with equation (3), 

dq - G^dT + LdV 



from which we obtain, by dividing through by T, the entropy 
equation for any system — 


2< 'P ^ 


( 36 ) 
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Xow we know, that since S is a property of the system, or in other 
words, since dS is a complete differential, so that over a complete 

cycle j dS ~ 0. we can apply equation I (25) and obtain — 

~^\dv)' 

From equation (3^) for a change at constant volume, since <fF = 0 
we obtain = C^/T an equation which we have already 

derived earlier in this chapter (equation 15). We obtain — 


arW/ Tvar/' 

Similarly, we have 



5 /aS \ _ 1 Si L 

arVaTv “ F’af ~ t^' 

Hence we obtain 

1 /^A L 

?\ar/ T'M' 

or 

aC, _dL__L 

aT ” ar t ' ' 


(37) 


Now we have also seen, that according to equation (5) 
dr = C^dT (i - P)dV 

so that, applying equation I (25) again, since for a cycle j'dL = 0, 
we have 


Now 



3 /dV\ a 

dvKdr) 

C\. so that 

d_/d£\ _ ^ 
dVKdTj ~ dV 


dV 


again ^ : 


L- 


P. so that 


d^/dU\ ^dL _ aP 

dT\W) df dT 



48 ^ SOME CONSEQUENCES OF 

Hence, combining these two equations, we obtain 

dV dT dT 

80 . 

Equating the two values of ~ given by equations (37) and (38) 
results ill 

dT T dT dT 



which is the expression we proposed to derive. 

A very useful expression may be obtained from equation (39) 
as follows : Let us differentiate the equation with respect to tern- 
perature, the volume being kept constant. We obtain — 



Now equation (3^) gives 



so that combining the two 



(40) 


M e have hitherto regarded the heat term dq as made up of two 
portions O^dT and LdV representing the heat involved in the 
changes in temperature and volume accompanying the process. 
\ye may, however, consider it from the slightly different point of 
view of the changes which occur in the pressure and temperature. 
Thus suppose the increase in temperature is dT, and the increase 
in pressure is dP, then the heat absorbed during the process 
may be regarded as the sum of two terms, (a) the amount of heat 
required to raise the temperature through an interval dT while 
the pre^ure is kept constant, namely G^dT ; and (6) the amount 
of heat absorbed when the pressure changes by dP. If we let L 
be the latent heat of the pressure change, that is the heat required 
to keep the temperature constant when the pressure is changed 
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by one unit, then liie beat absorbed, as a result of pressure change 
dP, is L'iP, so that 

dq = C^T - iWP (41) 

and dividing through by T 

= ^ = (42) 

We may uow follow tte same method as that employed in the 
deduction of eijuation (39), and obtain 

LPA\ = 1 (9a 

dP\dT) dP\T ) 


dT\^) ~ ^\T )' 

These are equal, so that 

t aF “ f'dT 

or 

ap ar t 

Now we have by equation (4) 

dV ^dq- PdV 

so that dS = d{U -h PV) = dU + PdV + VdP 

becomes dH — dq-r VdP 

Xow H is, & property of the system, so that as before — 

W\W) ~aTWA 

Hence, since we have 


(43) 


(44) 


and U^JL\ 

dP\dT) dP dT\dP) dl 

therefore 



Combining equations (43) and (45) we obtain — 



I.T. E 
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Substituting the value of the coefficient of cubical expansion this 
expression becomes — 

- T7a (47) 

Differentiate equation (46) with respect to temperature keeping the 
pressure constant. We obtain 



Combining this with equation (45) we obtain 

/a^\ 

\dP)^ dT^ 


(49) 


Equations (40) and (49) are important since they show us how the 
specific heat of a system varies with the volume and the pressure 
while the temperature is mamtamed constant. We shall deal with 
these variations later when we come to consider the equations of 
state. 


Changes in Entropy accompanying various Processes 

A consideration of great value, which will, no doubt, render 
the concept of entropy much clearer, is the question of its practical 
application. We therefore propose to calculate the entropy changes 
occurring in some of the more important processes with which the 
physical chemist has to deal. 

We have seen that for any reversible process, occurring in a 
non-isolated system, and involviug the absorption of heat j at a 
temperature T, the increase in entropy A>S is given by — 



Let us now apply this equation to the case of the vaporization 
of water under the pressure of its own vapour at 100° C. The 
water and its vapour are in equilibrium and we may therefore 
imagine the process accomplished reversibly as follows. Suppose 
we have a cylinder A (Fig. 9), containing water at 100° C. above 
which is the water vapour at the equilibrium vapour pressure of 
one atmo^here. The cylinder is closed by means of a piston ab 
which is weighted so that the downward pressure is smaller thaa, 
one atmosphere by an infimtesimal amount. Heat q is supphed to 
the system and one mole of water is vaporized at the constant 
prepare of the atmosphere, the piston rising to the position a'h\ 
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The entropy increase in this mole of water is q/T where T is the 
absolute temperature. But the heat absorbed per gram, i.e. the 
latent heat of vaporisation per gram, is 536 calories, so that the 
heat q absorbed per mole is 536 X 18 cals. Hence the increase in 
entropy is 

" (273 - 100) “'*• f*' 

= 25*87 cals, per degree. 

This may best be expressed by means of an equation such as 

H^O (liquid ; 1 atmosphere) = HjO (vapour ; 1 atmosphere) 
A>S = 25*87 cals, per degree. 

The case of fusion may be treated in exactly the same manner 
pro^uded we are considering equilibrium 
conditions. 

In general, however, we are not con- ^ 
sidering a reversible process and the 
cjuestion arises as to how we are to cal- 
culate the change in entropy of a non- 
isolated system when an irreversible pro- a, 
cess takes place. It should be carefully 
noted that we cannot equate the entropy 
increase to the ratio of the heat absorbed 
during the process and the absolute tem- 
perature, since the relation (50) only 
holds for reversible processes. The en- 
tropy change is usually very different 

, q Fia. 9. 

from the ratio 

Now we have shown that the entropy is a property of any system 
so that if, by any series of processes whatsoever, we cause a system 
to pass from a state A to another state H, the entropy difference 
between A and B is entirely independent of the path traversed. 
We may therefore imagine some particular path which is reversible 
at every step in the process, and by calculating the entropy changes 
which occur in this reversible process, we arrive at the entropy 
difference between the system in the two states A and B. 

When the process occurring is simply one of expansion or of 
a change in pressure while the temperature is maintained constant 
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we may employ the equations already deduced (equations 25 and 
26 ; and equations 29 and 30). 


(29 »d!10) 


Thus, for example, we may employ the second equation, in the 
form 



(a7). dP 


(51) 


to calculate the difference in entropy between water in equilibrium 
with its own vapour at 25° (vapour pressure 0-0313 atmospheres) 
and at 100° C. (vapour pressure 1 atmosphere) as a result solely 
of the change in pressure, i.e. disregarding the temperature change. 
We shall take the coeJB&cient of cubical expansion of water per 
mole (i.e. oc7) at 25° C. as 0-00465 and regard this as constant, 
independent of pressure. Hence 

P=1 atm. 

= - 0-00465 jdP 

P=0-0313 atm. 

or M == — 0-00465 x 0-97 c.c. atmospheres per degree, 
that is ~ 0-0045 c.c. atmospheres per degree. 

Now 1 atmosphere = 10® dynes and 1 calorie = 4-2 X 10^ ergs, 
so that AS becomes 


0-004o X 10® nAAmi 1 J 

— — = — 0-00011 cals, per degree. 

4-2 X 10’ ^ 


This is evidently a very small quantity, far smaller than the change 
in entropy as a result of the temperature change. 

In order to measure the change in entropy accompanying a 
change in temperature of the system we may employ equations 
(15) and (16) namely, 



These equations may be integrated most simply if the specific heat 
be regarded as a constant. This, however, is not always permissible 
and the sp^ific heat must therefore be expressed as a function of 
the temperature. Thus, for instance, the heat capacity at constant 
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pressure of water vapour per mole may be expressed, witlim the 
limits of experimental error for any temperature between 0°C. 
and 2000' C., by the empirical relation 

Gp = 8-81 - 0-0019T 0-00000222r2 

Hence T = — 0-0019 - 0-00000222r 

from which we obtain on integrating — 

I dS =■ 8-81 bi T - 0-0019r -f- O-OOOOOllir^ + Constant. 

If now we substitute the limits of the temperature change we are 
considering, we obtain the entropy change of the process. Thus 
if the limits are and then, neglecting the last term 

s, - = 8-81 /«—- 0-0019(r., - Ti). 

1 

The entropy change occurring in a chemical reaction will be 
considered later. The change is very far from being reversible, 
so that the relation AS = q/T, does not hold. 

A type of process which is of considerable interest and importance, 
and which has not yet received our attention, is the so-called 
adiabatic process. This is the name given to any process in which 
no heat is either gained or lost by the system. The system is not 
completely isolated since it is capable of performing work upon 
the surroundings, but no heat is able to pass to or from the system. 

Let us consider one mole of a perfect gas expanding adiabatically 
by the amount dV against an external pressure P. Then the 
work done is PdY. Now by the first law 

dU=:dq- PdV 

and since dq = 0, it follows that 

dU = - PdV (52) 

But we have seen that for a perfect gas (equation 7) 

dV = C^dT, 

Hence it follows that 

PdV = - G^dT 

or, since for one mole of gas, we may write PF = RT, we obtain — 
RT 

^dV = - OJiT 
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wMcli is tlie same as 

R.d InY == — CJj In T .... ( 53 ) 

Now, for a perfect gas we may regard C.^ as a constant and integrate 
tliis equation 

RM 7 “ — C.^ hi T -{- Constant . . ( 54 ) 

or, since again is a constant we may divide through by it and 
obtain 

^ In Y ~ — In T -r Constant 

which is equivalent to 

ji^yR/Cv _ Constant ( 55 ) 

Now we have seen that for any substance whatever equation I 
(23) gives 

But in the case of a perfect gas we have shown that the total 

internal energy is independent of the volume, i.e. ( ) =0 

V / T 

and, since by the gas law, P7 = RT for one mole we have 
7 == RT/P. We may now differentiate this expression with 
respect to T, keeping the pressure constant and obtain — 



Hence equation I (23) becomes 

We may therefore transform equation ( 55 ) as follows : 

P^yR/c. _ 2 ^ yiCp > cr)/c. _ Constant. 

That IS — = Constant, 

Now T/V = P/R so that the equation becomes 
7^^^'^” = Constant 

or putting G^/ 0^ = y and including R in the constant 

P7^ == Constant (56) 
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TMs is the well-known equation governing adiabatic changes. 
If we consider the pressure volume diagram for the case of a simple 
compression from volume to volume Vo, it shows us at once that 
the curve for the adiabatic compression is steeper than the corre- 
sponding curve for the isothermal process. The latter, of course, 
obeys the simple law of Boyle PV = Constant. In the diagram 
(Fig. 10) AB represents the adiabatic compression, while AC 
represents the isothermal compression between the same volume 
limits. The work required in the adiabatic compression is obviously 
greater than that required in the isothermal by an amount 
represented by the area ABC. 

As regards the entropy change p 
which accompanies an adiabatic 
change it is evident that, if the 
process which occurs is reversible, 
since no heat is either gained or 
lost by the system, the entropy 

change A5 will be zero. 

Such a process is frequently 
termed isentropic. 

When such a process as we 
have just considered occurs it is 
acoompanied by a change in the 
temperature. This temperature O V 

change may be obtained by means Pia, lo. 

of the following equations which 

are valid for any system and are not restricted to the case of a 
perfect gas. 

Since the entropy is a property of the system we may apply 
the equation I (19) and obtain equations of the form 





Now we have seen that according to equations (15) and (16) 
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and by equations (26) and (30) we have 

SO that equations (57) and (58) become 



( 59 ) 


( 60 ) 


If the adiabatic process under consideration is not reversible, 
however, the system is no longer isentropic and the entropy change 
can, as usual, be determined by effecting the change from initial 
to final states by means of a series of reversible processes. These 
processes will not, however, be adiabatic since the entropy as a 
whole has changed and some heat will therefore be evolved or 
absorbed by the system in the reversible changes. 

These calculations will sufiice for the present in giving the student 
an indication of the methods adopted in the application of entropy 
considerations. For a more complete account the reader is 
referred to Lewis and EandalFs book already mentioned. 

Entropy in Terms of the Molecular Hypothesis. 

Before leaving the subject of entropy, however, we may very 
profitably spend some time considering it from a somewhat different 
point of view, namely that of the Kinetic Theory. According to 
this theory, matter consists of a very large number of extremely 
small " particles in various types of motion — ^translatory, vibra- 
tory, rotatory. In the simple case of a monatomic gas only transla- 
tory motion is possible and the kinetic energy of the molecules corre- 
sponds to the heat energy of the system (and the Total Internal 
Energy TJ). From a consideration of this energy, several useful 
la’v^ have been deduced, such, for example, as Boyle’s or Charles’s 
laws. Now in the elementary treatment of this case it is often 
expedient to simplify the mathematical calculation by attributing 
to each individual molecule, the same velocity. But this is by 
no means what actually obtains in practice. The molecular velocity 
varies within wide linuta, although it is true that certain velocities 
&Te more favoured than others, and in order to arrive at a meaning 
for the term entropy it is necessary to take account of this fact. 
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Now, it is manifestly impossible to deal individually with each 
molecule in turn. Some method of averaging must he adopted if 
the mathematics is to he feasible at all and the method which is 
emploved is that known as Statistical Mechanics. This method 
depends essentially, as its name implies, upon the application of 
the laws of Statistics or Probability to the system under considera- 
tion and their combination with the ordinary laws of mechanics. 
Suppose we are considering some property P possessed in varying 
amounts by all the molecules of the system, then Statistical 
Mechanics attempts to determine the distribution of that property, 
that is, it attempts to find a specL&cation of the number Ai of 
molecules for which the amount of the property P lies between 
Pi and Pi -f- dPi ; the number N2 having the value of P between 
P2 and Po — ^Po and so on. Such a specification is knovm as a 
statistical statement of the sy’stem with respect to the property 
P and from it we may obtain the distribution of the property P. 

The laws of Probability, which form the basis of the calculation 
may be stated simply as follows : 

I. If an event may occur in any’' one of a ways and fail in any 
one of b ways then the mathematical probability of its occurrence 
(f> is given by — 

^ = 

II. The probability of the simultaneous occurrence of two or 

more independent events is the product of the probabilities of 
each individual. Thus if we have three events the probabilities 
of which are respectively ^35 then the mathematical proba- 

bility of their simultaneous occurrence is 

(f> = (f>i.(l>24z ( 62 ) 

have a system of gas molecules and we require to 
find the distribution of some property P such as the kinetic energy, 
or molecular velocity, then a complete statistical statement of the 
system would, as we have seen, take the form — 

Ay molecules have value of P between Pj and Pj + ( 5 Pi 

N 2 molecules have value of P between Po and Pg + ^Pg 

Ay molecules have value of P between Pg and Pg -f dP^, 

On the other hand, if we could consider each molecule in turn 
A, B, C, D, etc., we should obtain a still more complete statement 
which would take the form : 
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The Ni molecules between Pi and Pi + dP^ comprise A, B, E, etc. 
The A% molecules between P, and Po + dP^_ comprise C, B, G, etc., 

and so on, each indi\ddual molecule being assigned a place in the 
scheme. Such a complete specification is termed a microscopic 
statement of the system. Now, it is evident, that for any given 
.statistical state there are a very large number of possible micro- 
scopic states and the number of such possible microscopic states 
is, in effect, the number of ways in which that particular statistical 
state may exist. 

The mathematical probability <{> of any particular statistical 
state is therefore given by the total niunber of microscopic states, 
W, corresponding to this statistical state, divided by the total 
number M of microscopic states for all possible statistical states. 
We may express this mathematically thus — 

= W/M (63) 

It will at once be evident that W is less than M so that (f> cannot 
be greater than unity and, moreover, if we sum the values of the 
mathematical probability for all the possible statistical states the 
result is unity, that is 

r^ = ^ = ifA¥ = l (64) 


For any given system, however, the denominator M representing 
the total number of microscopic states in which the system can 
exist must be a constant, independent of the particular statistical 
state under consideration. Hence we may ignore this quantity 
and regard the numerator W as a measure of the probability of 
the given statistical state. W is known as the thermodynamical 
probability for reasons which will appear as we proceed, and we 
may therefore define the thermodynamical probability of any 
statistical state as the total number of ways in which the statistical 
state may be realized or the total number of microscopic states 
corr^ponding to that statistical state. Now it is well known that 
i£ N is the total number of molecules and we have iV^i in one class, 
N 2 in another, A'a in a third and so on, then the total number of 
ways in which this arrangement may obtain is given by 


W = 


Nl 


(65) 


N^\N,\N,\ ...*•■* 

This, then, is a definition of the thermodynamic probability of any 
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given statistical state. It is evident that W cannot be less than 
unity and is usually much greater than unity. 

Let us now consider some special statistical state a little more 
closely. There are two such states which are unique and there- 
fore deserve our attention. 

I. The fimt of these is that state for which all the molecules 
have exactly the same value of the given property P. Thus, for 
instance, if we are considering velocities, all the molecules have 
the same velocity. This is the simplifying assumption which is 
usually made in the elementary treatment of the kinetic theory 
of gases. Since all the velocities have the same value the mole- 
cules must all be included in one category so that the thermo- 
dynamical probability is given by 

N » 

F = = l (66) 

Now we have seen that unity is the lowest possible value of the 
thermod^mamical probability, i.e. TF is a minimum, so that, as 
we should expect, this state is extremely unstable and is never 
encountered in actual practice. The system tends to change so 
as to give the normal or equilibrium distribution. 

II. The second unique state is the equihbrium state which 
corresponds to complete chaos in the distribution of the property 
P, e.g. of position and velocity. The value of the thermodynanucal 
probability TF is a maximum, that is to say the equihbrium state 
is the most probable state, the state to which the maximum 
number of microscopic states correspond. 

Now let us consider any intermediate statistical state for which 
the thermodynamical probabihty TF is less than the maximum. 
Such a state is less probable than the equihbrium state towards 
which it is tending so that we may say that the thermodynamical 
probability TF of the statistical state of a system tends to 
increase towards a maximum value, unless the system has 
already attained that maximum value, i.e. unless the system has 
already arrived at a condition of equihbrium. 

Our consideration of entropy has shown us that, for any isolated 
system, not in equihbrium, the entropy also tends -to increase 
towards a maximum value. There is consequently some relation- 
ship between these two quantities entropy and thermodynamical 
probability, and we may express this relationsliip by saying Hiat 
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the entropy of a system is a function of the thermodynamic proba- 
bility of the statistical state of the system, or expressed in symbols--- 

S =fiW) (67) 

In adopting this relation we are implying that the entropy is 
entirely dependent upon the thermodynamical probability of the 
state. This assumption, which was originally due to Boltzmann, 
has been vindicated rather by subsequent practical utility than by 
a priori likelihood. 

We may proceed further than this, however, and endeavour to 
determine the nature of the function. Suppose we have two 
systems for which the values of the entropy and thermodynamic 
probability are respectively TFi, and Tfa- Let S and W 

be the values of the total entropy and thermodynamical probability 
of the statistical state of the combined system. Now, since the 
entropy is an extensive property of any system, we have seen that 
the total entropy of the combined system is equal to the sum of 
the entropies of the two individual systems, so that we may write 

+ ( 68 ) 

But, by the second law of probability, the probability of the com- 
bined system is equal to the product of the probabilities of the 
two individual systems, or expressed mathematically, 

w = W^.W, (69) 

If now we substitute these values for S and W in equation (67) 
we obtain 

S^f{W,W,)^f{W,)+f{W.^ .... (70) 

It is evident from this equation that the function we require 

is of a logarithmic nature, so that we may write the expression (70) 
in the form — 

S = IclnW Constant .... (71) 

where fc is a constant the same for all systems. 

This equation does not depend upon any specific assumptions 
in regard to the nature of the system and is therefore perfectly 
general and apphes not only for any system but for any statistical 
state of that system. The constant which must be added to Join W 
to give the entropy may depend upon the particular system under 
consideration, but it is entirely independent of the statistical state 
in which the system happens to exist at the moment. 

Boltemann applied this equation to the case of a statistical 
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investigation of the distribution of velocities in a system of 
monatomic gas molecules. Each molecule in the system is defined 
by six co-ordinates, the three space co-ordinates, x, y, z, and the 
resolved velocities along those co-ordinates, u, v, w. The absolute 
velocity of any molecule is evidently given by 

c = \-ii- -f -f IV- . 

The internal energy TJ of the system is regarded as entirely due to 
the translatory motion of the gas molecules, so that we have 

TJ — -p -r W-). 

We imagine some statistical statement to be made of the form 

molecules have velocities between ii^ and Ui -f du^ 

i\ and i’l -f di/’i 
ii\ and -p dwi 

and positions between Xi and Xi + dxi 
and + dyi 
Zi and Zi ~ dzi 

Xo molecules have velocities between 11.2 and in + du^, etc. 

The sum of all these terms -p -p • • . is N the total number 
of molecules present. N = SA’i. If we put 

_i_ ^2 _L == 

Then the total internal energy U is given by 

U = SAhfi. 

Boltzmann then applied the equilibrium conditions, viz. If is a 
maximum so that dW = 0 ; dN = 0 so that ScZNi = 0 ; dU — 
TsidN 1 = 0. By an involved process of mathematical reason- 
ing he obtained 

= .4 (]u^ . . dyi . dzi 

where -4 = ^ (/?/^)^- \ ^ = 3iV?«./4f7. 

From this expression he calculated the probability W and hence 
from equation (71) he obtained the following equation for the 
entropy 

s = thN In U -f kN In V + (Constant 


(72) 
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We may now compare this expression with equation III (17)^ 
namely 

Kdfjy T\dT)y 

Difierentiate equation (72) with respect to temperature. 


(dS 

\dT 




U'KdTjf 


(73) 


Hence we have 


r^v~T 


or 


U = -MT. 

2 


Now k is the gas constant per molecule, so that if N is the 
number of molecules in one gram-mole, i.e. if the system contains 
one mole of gas, then hN = R the gas-constant per mole. Hence 

u = Irt. 

2 


Substituting this value in Boltzmann’s expression we obtain 
S = ^Rln(^ RT'^ + R In V + Constant. 

But for the case of a perfect gas, if is the specific heat per mole 

3 3 

at constant volume, then 0^ = ^R. Hence if we include In 

A A 

under the constant term, we obtain 

;S = C, k r + Hk 7 -f Constant . . . (74) 

which is identical with the entropy- equation for the perfect gas 
which we obtained by integrating equation (10), on the assumption 
that Cj is a constant. It is evident that we cannot evaluate the 
constant S' either on the basis of pure thermodynamics or by the 
aid of statistical mechanics. To determine S' we require to employ 
the Nemst Heat Theorem. An excellent account of the relation 
between thermodynamic and statistico-mechanical considerations 
is to be found in Rice, Statistical Mechanics (Constable, 1930). 



CHAPTER IV 


APPLICATIONS TO THE PROBLEM OF THE CONTINUITY 

OP STATE 


Our consideration of Joule’s experiment taught us that the total 
internal energy of a given mass of a perfect gas at constant tempera- 
ture is independent of the volume occupied, or 

as a consequence of this fact we saw (equation III (6)) that if L 
is the latent heat of isothermal expansion and P is the pressure 
of the gas. then 

L^P. 


) =0, and 

/ T 


But by equation II (13) we have 


L = T 


-) 

HTJx 


so that, for a perfect gas we mav write — 


( 1 ) 


Neglecting, for the moment, the variable F, since the volume is 
regarded as a constant, we may write this equation in the form 


P T 


and on integrating this expression we obtain 

In P =■ In T -f Constant 
or P = T X Constant. 

Now this constant may be written/i(F) since the volume is constant 
so that the general solution of equation (1) for any volume is 

p=T.m . ( 2 ) 

This relation must be satisfied by a perfect gas. It is not, however, 
a complete definition ; substances other than a perfect gas may 
obey equation (2), and we now propose to consider what further 

63 
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criteria are necessary in order that our definition of a perfect gas 
shall not be ambiguous. 

The experiment which gives us the clue to this missing factor 
was first performed by Joule and Thomson (Lord Kelvin, Collected 
Papers, vol. I, p. 333 et seq). They allowed a gas to pass through 
a porous plug from a vessel containing the gas at high pressure to 
one at low pressure. The essential difference between this experi- 
ment and the Joule experiment, already considered, is the porous 
plug which sets up sufficient resistance to the passage of the gas 
that we may regard the pressure on either side as practically 
constant, and we are consequently considering the sudden transfer 
of gas from a region of high to one of low' pressure. The whole 
apparatus was rendered, as far as possible, impermeable to heat, 
and thermometers placed on either side of the plug indicated any 



Fig. 11. 

change in the temperature of the gas after passing through the 
pkg. 

At ordinary temperatures and pressures, it was found that, in 
the case of all gases except hydrogen and helium, a cooling effect 
accompanies the expansion, the cooling being greater the more the 
gas under investigation diverged from the ideal. Hydrogen and 
helium exhibit a heating effect at ordinary temperatures, but at 
low temperatures they too have been found to show a cooling 
effect. 

We may, first of all, calculate this thermal effect in terms of 
other properties of the system by means of the following thermo- 
dynannc method. In Fig. 11, suppose G is the plug separating 
gas in the two portions I and II in which the pressures are Pi 
and P 2 respectively. The pistons are so adjusted that these 
pressures are maintained constant. The whole apparatus is 
mgarded as impermeable to heat, so that any processes occurring 
in tile system must be adiabatic. 
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We now allow one mole of gas to pass through the plug by 
moving piston A inwards and simultaneously moving piston B 
outwards. If this process is accomplished reversibly then the 
work done by the system will be P 2 F 2 — PiFi, where Vi and Fg 
are the volumes occupied by the mole of gas before and after the 
expansion. Since the process is adiabatic, i.e. q == 0, it follows 
from the first law that if Vi and ZJo are the initial and final values 
of the total internal energy of the mole of gas, then 

Ug-r, === - (P2F2 - P.F 0 

or -r PiV, = Ug + PgFo (3) 

But. by our definition of the heat content, we have 

U -f- PF = P 


so that the heat content of the system must be constant throughout 
the process, or 


AP = 0 


(^) 


Now in order to find the change in the temperature of the gas 
for unit pressure difference between the two sides of the plug, 
dT 

i.e. to determine we may apply the condition that H is con- 
stant and obtain by making use of the method of equation I (19) 
the following equation : 

^ (S).-(S)./(S). 

/dll\ 

Now by equation I (17) so that 

The thermodynamic equations just deduced are perfectly general 
so that the phenomenon which we are discussing is characteristic 
of matter in any fluid state, and not merely of substances in the 
gaseous state, although the latter is the only state which has been 
properly investigated. 

According to Joule and Thomson, the cooling effect satisfies 
the following equation 


-AT = kiP,-P,) (7) 

where P^ is the high pressure on one side of the plug, Pg the low 
pressure on the other side and k is a constant which is characteristic 

I.T. F 
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of the particular gas considered and measures the depression in 
temperature for unit pressure difierence. The following are the 
values of h given by Joule and Thomson calculated for a pressure 
difference of one atmosphere and ordinary temperatures ; 
i,,, = 0-262 ; hao._ = 1-225. 

Natanson records a dependence of Tc upon the absolute pressure 
of the experiment and Joule and Thomson also found a variation 
■with temperature. They considered that this latter variation 
could be represented by a formula of the t^rpe 

h = a/T^ (8) 

where a is a constant. Rose-Innes {Phil. Mag., 1898, 45, p. 227) 
considers that the variation of the thermal effect with temperature 
may be better represented by the following equation — 

k = a. -i (9) 

where a and /? are both constants. His results are expressed in 
degrees per unit of pressure where the unit taken is the pound per 
square foot, not, as above, the atmosphere. In these units he 
gives the following values for the constants a and /S : 

a ft 

Air 441*5 0*697 

Carbon dioxide . . . 2615 4-98 

Hydrogen .... 64*1 0*331 

A comparison of the values of k calculated from the two expres- 
sions (8) and (9) with the experimental results is given in the 
table on opposite page (Eose-Innes, loc. cU.). 

The units of pressure are the pound per square foot. 

The chief merit of the Eose-Innes formula, as compared with 
that of Lord Kelvin, is the fact that it predicts an inversion tem- 
perature at which the thermal effect is zero. Thus, when ol~ ft /T 
or T = ft/oi the value of h = a — ft/T is zero, that is the tem- 
perature neither rises nor falls on passing through the plug. The 
simple formula of Kelvin, h = a/ T'^ does not give an inversion 
point and it is known that, in the case of hydrogen, which gives 
a heating effect at ordinary temperatures, the effect decreases as 
the temperature is lowered finally passing through zero and becom- 
ing a cooling effect. It is probable, therefore, that an inversion 
point is characteristic of all gases at sufficiently high temperatures. 
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Calculated Cooling Effect. 

Xame of Gas. 

Temp. 

Actual Cooling 
Effect. 

I. Kelvin’s 
Formula. 

II. Rose- 
Innes 
Formula. 

Air .... 

if- e. 

0*92' C. 

0-92^ 

0*920 


7-1 

0*88 

0*87 

0*879 


.39*5 

0*75 

0*70 

0*716 


92*8 

<1*51 

0*51 

0*510 

Carbon-dioxide . 

0 

4*64 

4-64 

4*60 


74 

4*37 

4*40 

4*35 


35-6 

341 

3*63 

349 


.74*0 

2*95 

3-23 

3*02 


93*5 

2*16 

2*57 

216 


97-0 

2*14 

2*52 

2*08 

Hydrogen 

4*0 

- 0-lCHJ 



- 0*100 

91*0 

— 0*155 

— 

- 0*155 


Xow this thermal effect, which is exhibited bv all actual gases 
is due to their non-ideal nature. We have already seen that 
ovdng to the cohesive forces between the molecules, the condition 


Kdv)^ 


0, breaks down for actual gases and the investigations 


of Amagat and othem have shown that Boyle's law for a perfect 
gas, viz. {PV)t = Constant, also breaks down for real gases. For 
a perfect gas, however, these two laws apply, so that for any iso- 
thermal change in such a gas 

MJ = 0; A(PF) = 0. 

Hence AH = A(P PF) =0 (10) 


But, we have seen that, in the Joule Thomson experiment for any 
substance whatever, there is no change in the heat content, i.e. 
AH ~ 0, and hence, since actual gases are known not to be perfect 
and variations occur in both U and in PF on expansion, it follows 
that there must be a change in temperature in order to maintain 
the constancy of the heat content, unless it happens that AU is 
just equal to — A(PF). This last relation is, of course, the con- 
dition for an inversion point, namely 
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Tliis equation follo-ws immediately from equation (6) if we put the 
condition that the thermal effect is zero, i.e. f jpj = 0. 

The thprmal effect is therefore due to the breakdown of both 
Joule’s law and Boyle’s law. Now the deviations from Boyle’s 
law are given by Amagat’s curves in which the values of PF are 
plotted against P for a series of temperatures. A study of his 
data, with which the student is assumed to be familiar, shows that 

g - p - j is positive at all pressures for 

hydrogen and helium and negative for all other gases at ordinary 
pressures becoming positive at much higher pressures. Now, if 

is positive, it follows that a decrease in pressure is 

accompanied by a decrease in the product (PF). But for the 
Joule-Thomson experiment, we have seen that the condition, 
dH = d{U + PV) = 0, must be satisfied, and if, for the moment, 
we regard the gas as obeying Joule’s law, i.e. dU = 0, it follows 
that d{PV) must be zero or the product (PV) is a constant. Hence 
in order to ensure that PV shall not decrease on expansion, but 
remain constant, it is necessary to increase the temperature, i.e. 
the decrease in pressure is accompanied by an increase in tempera- 


On the other hand, if 


9{PF) . 


is negative a similar process 


of reasoning will show that a decrease in pressure is accompanied 
by a cooling effect, so that the result of the breakdown of Boyle’s 
law may be either a heating or a cooling effect according to the 
slope of the (PF).P diagram xmder the conditions of pressure and 
temperature which obtain in the gas. 

The deviations from Joule’s law are directly due to the cohesive 
forces between the molecules. These always tend to oppose expan- 
sion so that a decrease in pressure must be accompanied by an 
. . ... . 


increase in the total internal energy of the gas, 


is negative, 


uu ... 

^ ^ IS positive and the expansion which necessitates 


a constant 


value of Tj (if we neglect the deviations due to Boyle’s law) must 
therefore be accompanied by a decrease in temperature. The 
Joule-Thomson effect is thus the sum of these two temperature 
changes due to deviations from — 
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(a) Boyle's law — ^Heating or cooling effect according to the 
conditions. 

(b) Joule's law — Cooling effect in every case. 

We are now in a position to obtain the second criterion for a 
perfect gas. According to equations III (41) and (44), we have 

dq = Gj,dT - L'dP 
dH = dq ~V,dP, 

Combining these two expressions we obtain 

dE == O^dT - (L' -r V)dP .... (12) 

Now, we have seen, that for the Joule-Thomson experiment, the 
following condition must hold — 

dH = d{U - PV) = 0 


so that G/T (U ^ V)dP = 0 (13) 

This equation is perfectly general, since we have introduced no 
limi ting conditions. We may now, however, put the condition 
that the thermal effect is zero, that is dT = 0, and obtain 


{E - V)dP = 0 . . . , . . (14) 

But equation III (46) gives for L' 



and since dP is necessarily a finite quantity, 


r = T 


/dV_ 

\dT 




(15) 


This is the criterion of an inversion point for any substance what- 
ever. We may vary the notation, somewhat, by introducing the 

value for the coefficient of expansion a == when we get 


a=l/r (16) 

or the inversion temperature is equal, on the absolute scale, to 
the reciprocal of the coefficient of expansion of the gas. 

For the perfect gas, however, every temperature must satisfy 
the condition that the thermal effect is zero, that is equation (15) 
must hold for every value of the temperature, pressure and volume. 
This is, indeed, the missing criterion for the perfect gas, which we 
desired to determine. The solution may be obtained in the same 
manner as for equation (1), and is of the form 

V == T,UP) 


(17) 
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where f^iP) is, as before, an integration constant, so that the two 
criteria are equations (2) and (17) 

P = P./x(F) 

7 = T.UP). 

Dividing one by the other we obtain 

p _uy) 
y Mpy 

From this relation it is evident that the function /i( 7) must be of 
the form h/V, while f^iP) must be of the form h/P, where h is the 
same constant in both cases ; hence the two criteria become 

kT 

7 ’ ~ P 

which are both identical and may be expressed in the usual form 

PV = kT 

which is the complete equation of state for a perfect gas. 

We now propose to examine some of the more important equa- 
tions of state which have been put forward to describe the experi- 
mental results, in the light of the general thermodynamic relations, 
obtained in the last chapter. We saw that the most general equa- 
tions of state which must be satisfied by any system, and which 
must therefore be in agreement with the experimental equations, 
are equations III (31) and (32) 


■ - ■ 

(18) 


(19) 

In addition we deduced the following relations 


(20) 

/90a „/a2P\ 

II 

(21) 


(22) 

which are all perfectly general in their application. 
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Finally, we have deduced the condition for an inversion point 
(equations 15, 16) 

1. Equation for the Perfect Gas. We may begin by con- 
sidering the well-kno^m equation for the perfect gas, namely 
PF — RT, Let us differentiate the equation with respect to 
temperature, keeping the volume constant. We thus obtain 


Hence by equation {18) 


But RT/Y = P, so that 


/dP\ R 

KdTjy F • • • 

■ - (23) 

Rrp fdU\ 

r \dv)a< ■ • 

• • (24) 

(fr).-"' ^ ■ ■ 

• ■ (25) 


an expression which has already been considered in connexion 
with Joule’s experiment. 

Similarly, from equation (19) we obtain 

=0 


\dpj. 


(26) 


This expression follows immediately from the standpoint of Boyle’s 
law, PF = Constant at constant temperature. For since 
H =TJ -T PF and TJ and PF are both independent of volume 
and pressure when the temperature is constant, it is e\ddent that H 
is also constant. Again equation (20) gives 

another expression deduced in the last chapter. If we differentiate 
equation (23) again with respect to temperature, keeping the volume 
constant, we obtain 


0 


(28) 


Hence it follows by equation (21) that 

(If).-" 

or the specific heat at constant volume is independent of the abso- 
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lute volume occupied for any given temperature. We have already 
seen that equation (22) leads to the relation 

Cp-a, = E . . . . . _ . (29) 

and also that equation (15) for the inversion point is satisfied for 
any value of the pressure, temperature and volume, being, in fact, 
a criterion of the perfect gas. 

II. Van der Waals’ Equation. We now pass on to investigate 
the equation of van der Maals, namely 

(P-h|5)(F-6) = iJr. 

Differentiate with respect to temperature keeping the volume 


constant. 

Hence by equation (18) 
P = 




R 


RT 


V-b 
= P + 


V-b 

m.. 


(30) 


or 


72 V 
= 


dU\ 

dv), 


(31) 


a 

Thus, as we should expect, the change in internal energy with unit 
volume change at constant temperature is equal to the factor 
introduced into the equation to allow for cohesive forces between 
the molecules, i.e. the forces, opposing the expansion, which de- 
crease as the volume increases. 

Again, bv equation (19) 

dV\ , /dH\ 


hex us difierentiate the van der Waals equation with respect to 
temperature keeping the pressure constant. We obtain 


or 


so that 


(p-^ 


2ab\ /dV 


- 


F3 ) \dljp 


=P. 


(31a) 





RT 

a 2ah\ 

r ~T5/ 
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Xow RT = (P — a/V^){y — b), hence we obtain 
fdH\ _ PV - a/V -F 2a6/F2 - PV - a/V + Pb + ab/V^ 
\^)t~ P- aiy- + 2aVF» 


b{P - a/V^ - 
P - a/ Y^- 



r 2ah/F® 


(32) 


This equation shorn the variation in the heat content with pres- 
sure at constant temperature. It will he seen to be somewhat 
smaller than the constant b, the difference depending upon the 
cohesive forces between the molecules. That this is what we 
should expect will be evident, if we neglect for the moment the 
cohesive forces and consider a to he zero. Then equation (32) 

( dH.\ 

^ J =0. and the van der Waals equation becomes 

P(F — 6) = RT. Xow, since the cohesive forces are neglected w 
may regard V as a constant at any temperature, and hence for 
any temperature 


r -r P(F — 6) = Constant = K say 
But r ^PY = H^K-r Ph 


so that the increase in heat content for unit pressure change, i.e. 
' is equal to the constant b. 

Equations (20) and (30) combined give 


L = ^^ = P + a/V^ 


(33) 


or the latent heat of expansion is greater than the pressure by an 
amount equal to the cohesive factor a/V^ of the van der Waals 
equation. On differentiating equation (30) we again obtain 

<-> 

By comparing equations (34) and (28) we see that van der Waals’ 
equation is similar to that for a perfect gas in that both equations 
require the specific heat at constant volume to be independent of 
the volume occupied, for any given temperature. This is not, 
however, borne out in practice. The general behaviour of gases 
seems to be that as the volume occupied per gram decreases from 
large values the specific heat at constant volume increase. 
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passing, in some cases, througli a maximum in the neighbourhood 
of the critical volume and then falling again as the contraction is 
increased beyond this point. Thus for CO 2 Dieterici (Am. der 
Physilc., (4) i903, 12, 173) obtained the following results : When 
the volume occupied per gram was very small (1‘1-1'125 c.c.) the 
value of per gram was found to be 0-24. In the neighbourhood 
of the critical volume the maximum value 0-34 was obtained; 
beyond this point the specific heat decreases again. The equation 
of "van der Waals is thus at fault in this particular. 

Let us now apply equation (22) to van der Waals’ equation, 
namely — 



By equation (30) we have 

and from equation (31a) : 

/5F\ ^ R 
Kdljp p a 2ab 
^ " p + 7 ? 


Multiplying these two equations together we obtain 


Cp - c. 


R(P + a/Y^) 


(P + a/ 72 ) + 


2a6 

■p 


2a 

72 


R 

2a(F-&)2' 

RTV^ 


The denominator in this expression is evidently less than unity, 
so that Cp — Cp is greater than R. the value obtained from the 
simple gas law PY = RT. This is borne out in practice at least 
in a qualitative manner as the following results show : 


Gas. 

per gnuu. 

Gp per gram. 

Cp — Ct> per mole. 1 

i 

Perfect gas . 



1-9851 


Hydrogen .... 

2-4211 

3-4090 

1-976 

1 

Oi^gen .... 

0-1556 

0-2176 

1-981 


Aiinoiiia .... 

0-3951 

0-5205 

2-108 

j- 1-986 ■ 

Carbon dioxide . . 

0-1669 

0-2169 

2-20 J 
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III. Clausius’ Equation. This equation may be \yritton in 
the form 

^ "" T^b ~ T(V - c)V • • • • 

Difierentiate Tvitli respect to temperature keeping the volume 
constant. 

/dP\ _R a 

KdTJr ~ V~^ ■ T^V - c)T' ' ' ' 

Hence bv equation (18) we have 

Equating (36) and (38) we obtain 

(^)r^r(r-i-c)F ■ • • - (^9) 

The Clausius equation therefore difiers from that of van der 

^Yaals. in that the change in internal energy per unit volume 
change at constant temperature is twice the factor introduced to 
allow for the cohesive forces between the molecules. 

We may now differentiate the equation with respect to tempera- 
ture keeping the pressure constant. Doing this we obtain 
R ST /dy\ a . a{2V^c) /dV\ 

r-b {v-br-\dTjp - r-{r-c)v ■ T{7^c)-rAdTjp ^ ’ 

( - 

./3r\ _\y-b' T(y^c)y) ,,,, 


. a{2y^c) /aF\ 

" • T{y^c)-v^\dT), 


= l(5r^r- • • 

(F - bf r(F - c)-y- 

The second term in both the numerator and denominator is a small 
fraction, so that this expression is evidently slightly greater than 
the ratio of the first terms, namely than V — b. Suppose we 
equate the expression to T' — kb, where k is a factor slightly less 
than unity. Then we may vTite 



Hence, bv equation (19) we obtain 


or 
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The change in. the heat content with unit change of pressure at 
constant temperature is thus slightly less than the constant h, as 
in the case of the van der Waals equation. The difference is due 
to the cohesive forces. 


Suhstituting the value of 
equation (20) we obtain the 


/^\ 

W/i 


given by equation (.37) in 


expression 


, a 

V -h ' T(F + c)F 



c)F ■ 


( 44 ) 

(45) 


The difference between the latent heat and the pressure is thus, 
on the basis of Clausius’ equation, twice the cohesive factor, not 
equal to that factor as in the case of van der Waals’ equation. 

On differentiating equation (37) with respect to temperature at 
constant volume we have, by equation (21) 


/aOA _rp/d^P\ _ 2a 

W/t vWf T\7 + o)V' 


(46) 


This equation represents the behaviour of gases above the critical 
volume, as we have already seen, but there is no evidence of a 
maximum. The Clausius equation is therefore, in this particular, 
only valid for gases which are above the critical conditions. 

As regards the difference between the specific heats at constant 
volume and constant pressure, we may apply equation (22) 


= (F- W) 


V 

R 


+ ■ 


t(F-6) ' T^V + c)V 

This expression is evidently greater than R, so that 


(47) 

(48) 


G^-G,>R. 

In tMs instence the Clausius equation is therefore in qualitative 
agreement with the van der Waals equation and with experiment. 

I\ . Dieterici Equation. The following is one of the equations 
of state sugg^ted hy Dieterici : 

jam 

P = 
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where a, b and n are constants. Taking logarithms we have 


In P = In T- - 

V — 0 


a 

wy' 


Differentiate with respect to temperature keeping the volume 
constant. 


ilnP=.ilnT-,^iT 

(50) 

or 


/dP\ P iwlP 

yr)y~T 

(51) 

Hence equation (18) becomes 


p p naP /dU\ 

\drj, 


so that 


/5t"\ nuP 

\3F/y r«.F ■ ■ ■ 

(52) 


It is, of course, difficult to attach any physical meaning to this 
expression. Equation (20) gives for the value of the latent heat, 


( 53 ) 

/SF\ 

The determination of the volume temperature coefficient ( ^ 1 

results in a somewhat unwieldy expression and we do not propose 
to proceed any further with the Dieterici equation from the point 
of view of the equations (18) to (22). 


Equations of State and Inversion Points. 

We now intend to consider the various equations of state in the 
light of the porous plug experiment of Joule and Thomson and 
the existence of inversion points. We shall follow the procedure 
adopted hy A. W. Porter (P^z7. Mag., series (6), 1906, xi, 554 : 
ib., (6), 1910, XIX, 888). 

Van der Waals’ Equation. It is preferable to employ this 
equation in the reduced form, viz. 


( 53 ) 
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The condition for the inversion point is given by 
or in the reduced form 



Differentiate equation (53) with respect to 6 keeping 71 constant. 

-n. 


Putting 


equal to 80/(3^ — 1) and dividing through by 


which hy equation (54) is equal to we obtain 


so that 


f3cf> — 3 ^ 4 - 1 
^ (f>{S<j> — 1) 


6{3_£- 1) 
<^3 


r 

From this equation we may calculate the inversion temperature 
corresponding to a series of values of the volume, by substituting 
the values of <f> and obtaining those of It is evident that for 
any one value of the inversion temperature 6 we obtain a quadratic 
equation in ^ so that there are two values of the volume corre- 
sponding to this temperature. Above a certain value of 6, how- 
ever, the rooi^ of the quadratic are imaginary, so that no inversion 
occursb for any value of the volume at such a temperature. This 
existence of a series of inversion points is borne out qualitatively 
by actual gases as wiU be shown in Fig. 12. The agreement is 
only quahtative, however. Dieterici’s equation, which we shall 
now consider, is found to show better agreement as regards the 
numerical r^ults. 

Porter considered Dieterici’s equation in the form 
P(F — b) = ET 

or the corresponding rednced equation 
7t{2(f, — 1) = 


( 56 ) 
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He determined the inversion points on the basis of this equation 
and found them to be represented by the equation 

= (10 — .... (57) 

The curve given by this equation is represented by the full line 
in Fig. 12 while the curve corresponding to van der Waals’ equa- 
tion is represented by the dotted line. Several experimental 
points are also given, those for nitrogen being represented by x , 
while those for carbon dioxide are represented by These values 
are calculated from Amagat’s data. The agreement with Diete- 



rici’s equation is remarkably good. It will be observed that the 
Dieterici curve is not a true parabola, since it is not symmetrical 
and approaches the origin very rapidly, instead of cutting the axis 
at the point ^ = 1 as does the curve obtained for van der Waals’ 
equation. The range over which the experimental curve is 
known is however too small to permit us to draw the complete 
curve. 

Porter finds that a still closer agreement with experiment is 
obtained if we modify the index of T in the exponential term, 
from 3/2 to about 1*65. 

The above diagram (Fig. 12) is the plot of the inversion points, 
the ordinates representing the reduced temperature of the inver- 
sion points, the abscissae the reduced pressures. 
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Further Consideration of the Clapeyron Equation. Equa- 
tion II (14) gives the general form of the Clapeyron Equation for 
the vaporization of a liquid, viz. 



The latent heat of vaporization X may, however, be divided into 
two parts, namely the internal latent heat which is expended 
in overcoming the cohesive forces between the liquid molecules 
and the external latent heat of expansion 7,^^, The work done in 
expansion is evidently PiV^ — Fi) where Fg is the volume of 
the vapour, Fi the volume of the liquid. As an approximation 
we may neglect Fi in comparison with F^ and put the work equal 
to PF o. Assuming that the gas laws may be applied to the vapour, 
we obtain : 

== PFo = RT. 

For a temperatoe of 100° C., i.e. 373° K., the latent heat of expan- 
sion per gram of water is 

= RT/IS = = 41 calories. 

But A = 536 calories, so that A^ = 495 calories. 

The following table gives some of the values obtained by Zeuner 
for the vaporization of water (Chwolson, LeJirhuch der Physik^ 
vol. lu, 654), 


c. 

T = t ^ 273.^ 

in mm. 

^obs. 

^ex. 


-20 

253 

0-927 

620-39 

29-57 

590*82 

- 10 

263 

2-093 

613-45 

30-30 

583*15 

0 

273 

4-600 

606-50 

31-07 

575-43 

25 

298 

25-55 

589-11 

33-20 

555-91 

50 

323 

91-98 

571-66 

35-54 

536-12 


348 

288-5 

554-14 

37-96 

516-18 

100 

373 

760-0 

536-50 

40-20 

496-30 

125 

398 

1,743-9 

518-73 

42-25 

476-48 

150 

423 

3,581-2 

500-79 

44-09 

456-70 

175 

448 

6,717-4 

482-65 

45-71 

436-94 

200 

473 

11,689-0 

464-30 

47-13 

417-17 


It is evident that by far the greater portion of the latent heat 
IS required to overcome the forces of cohesion, which is as we 
sod expect, since in a liquid these forces become very great. 
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We have seea that the external lateat heat is given by 
Ae. = P{V, - F.) 

and we know that /. = 2^^ -j- 2^ 

so that 2 = 2j -{- P(F 2 — Fi). 

Substitute this value in the Clapeyron equation. We obtain 

KdTjy “ 


’’5r-e)(F,-7j . 


■ (58) 


Neglecting in comparison with Fo and assuming the gas laws 
this expression becomes 


.(g). f 


so that 


j,/3F\ 1 

w/ ■ ■ 

2 ,. = 


,a U P 


-O- 


. . . • (59) 


We shall now attempt to integrate the Clapeyron equation. 
To do this we must know how the latent heat depends upon tem- 
perature. If we denote by the total latent heat of vaporization 
per mole, then experiment shows that we may express as a 
fimction of temperature as follows : 

= = + ... . m 

Now by equation (59) 


2,, = 2, -FEY = 


= RT + RT^^J^P.. 

dT 

Comparing equations (60) and (62) we obtain 

ft hi V 

A* ^ = ;.o -f ocoT + + . 

Dividing through by RT’ and integrating we obtain 


In C — 


. -'Il 4 - iw r + 4- 4 - 4 - ,• 

RT^R ^R ' 2R + ^ 
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■where i is an mtegration constant. Since P = PTC, then 
InP =^lnP + V.,T -{-InC, 
so that we may ■write 

In P= ^ • (65) 

It 4- i 

The last two terms reduced to ordinary logarithms, viz. 

2*303 

form what Nernst called the conventional chemical constant/’ 
Gq of the substance under consideration. We have followed this 
method, which is now little used, in order to point out a fallacy 
which escaped the notice of chemists for a time. Equation (60) 
is at best only an empirical expression representing the heat of 
vaporization over a limited range of temperature. Hence the 
integration constant i partakes of the same empirical nature and 
does not represent the value of In G at absolute zero. In fact the 
value of i will only be a constant for the limited range over which 
the expression holds. This will be evident when we remember 
that the integral represents the area under the A, T curve. Now 
if equation (60) does not represent this curve at low temperatures, 
neither will the integral represent the area under the curve. 
Nemst, unfortunately, fell into this error at first and determined 
a series of values of Co by extrapolation to low temperatures. 
These quantities are evidently valueless. The constant Co can, 
however, be determined from vapour pressure measurements for 
some one value of the temperature and this will be useful in 
determioiog the value of the vapour pressure at some other tem- 
perature. This warning in regard to the integration of empirical 
expre^ions will need to be borne in mind when we deal with the 
integration of the van’t Hoff isochore in Chapter VI. When we 
come to consider the third law of thermodynamics the accurate 
integration of the Clapeyron equation will be considered and also 
the dgnificance of the “ true ” chemical constant, which may be 
determined from measurements at low temperatures. 

Trouton^s Rule. An interesting and useful empirical principle 
is that known as Trouton's rule, according to which the molecular 
latent heat of vaporization divided by the boiling-point on the 
al^lute scale is a constant for all normal or non-polar liquids. 

In other words, the entropy increase per mole — is the same for 
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aii sucE substances, on vaporisation at the boiling-point. The 
following table indicates the acciiracv of the rule. Non-polar 
substances are given first, after which are given a few values for 
alcohols and acids which are known to be polymerized. 


Substancf. 


Boiling-Point. 


= C. ^ K. 


AS - A IT 
per Mole. 


Methyl-ethyl acetone . 

78-68 

351-68 

21-25 

Diethyl acetone .... 

101-08 

374-08 

20-90 

Dipropyi acetone .... 

143-52 

416-52 

20-73 

Acetal 

102-91 

375-91 

20-78 

Octane 

125-3 

398-3 

20-28 

Aniline 

184-24 

457-24 

21-22 

0. toluidine 

198-92 

471-92 

21-55 

Xitrobenzene 

210-6 

483-6 

20-70 

Aceto-nitrile 

81-54 

354-54 

19-74 

Pyridine 

115-51 

388-51 

20-12 

Ethyl alcohol 

78-20 

351-20 

26-39 

n. Propyl alcohol .... 

96-1 

369-1 

26-59 

Iso-butyl alcohol .... 

107-53 

380-53 . 

26-12 

Acetic acid 

Propionic acid 

119-2 

141-05 

392-2 
414-05 ' 

i 

13-74 1 

16-34 j 

! 


The theoretical justification for this empirical expression depends 
upon the conception that the boilmg-pomts may be regarded as 
corresponding temperatures. We employ the Clapeyron equation 

?. = &y.-vD 


and substitute the reduced terms 7 t = P/P^, (f> = 7/7^, d = 
We obtain 


/ 

T 


-Pc7c dji 
T, dd 


{<f>2 ^l)* 


Now according to the theory of correspondmg states, ti, (f> and 6 
are the same for all substances, if we assume the boiling points 

P 7 

to be corresponding temperatures, and moreover is a con- 

stant. Hence X/T must be a constant for all substances. 

The table given above does not give values of X/T for substances 
having very high boiling-points, but when these values are obtained 
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it is found tiat there is a marked trend in the '' constant/’ Thus 
for liquids boiling at about 1000° C. the value of 2/2" is about 
50 per cent, greater than the value obtained for low boiling liquids 
like oxygen and nitrogen. Several attempts have been made to 
devise a more accurate statement of the rule, the most simple 
being that of Hildebrand (/. A77zer. Cheyn. Soc., 1915, 37, 970). 
His rule takes the form : The entropy change of vaporization is 
the same for different liquids, not at the boiling-points which are 
the temperatures where the several liquids have unit vapour 
pressure, but rather at temperatures where the liquids give the 
same vapour concentration. ’ ’ Choosing arbitrarily temperatures 
at which the concentration of vapour is 0-005 moles per litre, he 
gives the following table for the entropy change in vaporization. 


Substance. 


; Nitrogen .... 27-6 

Oxygen 27-6 

; Chiorine 27-8 

Pentane .... 27-0 

’ Hexane 27-2 

, Carbon tetrachloride . 27-0 

Benzene 274 


Substance. 

: 

Pluorbenzene 

274 

Stannic chloride 

27-2 

. Octane .... 

. : 27-6 

I Bromnaphthalene . 

. i 27-6 

1 Mercury .... 

. ! 26*2 

i Cadmium 

. 1 264 

i Zinc 

. 1 264 


These values are certainly remarkably good, especially when 
we consider the variation in the boiling-points of the substances. 
The values for polar substances are larger, e.g., NH3 32*4 ; water 
32-0 ; Eton 33-4. 

Maxwell’s Rule. It is well known that if we plot a pressure 
volume curve for any gas the form of the curve is ABCD in Fig. 13. 
If, however, we plot the curve represented by, say van der Waals' 
equation, we obtain a smooth curve of the form ABFGEGD, 
without the sharp breaks at B and C exhibited by the experimental 
curve. Now it has been found that with care it is possible to 
realize experimentally points on the portions BF and EC of the 
curve, so that we have a certain amount of justification for assum- 
ing that the smooth curve would actually represent the pressure 
volume relations, even in the region where the system is normally 
heterogeneous, if we could ensure that the system would be homo- 
geneous throughout this range. Now Maxwell’s rule states that 
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the area BFG is equal to the area GEC and we can demonstrate 
the truth of this rule by considering the work terms involved in 
passing from B to C. The work done is, on the basis of our con- 
sideration, independent of the path traversed. We shall there- 
fore consider the passage (a) along the experimental line BC and 
( 6 ) along the theoretical line BFGEC. In the first case the work 
done upon the gas is e\ddentlv equal to the product of the vapour 



pressure P and the difference in volume Fg — Fi, where Fg is the 
volume of the vapour, Fj the volume of the liquid. 

Work done — P(F2 — Fi). 

If we follow the theoretical line the work done upon the gas is 

Work done = J PdV. 

These two quantities are equal, that is 

r, 

P{V.,-Y^) = ^PdY ( 66 ) 

But P(F2 — Fi) is equal to the area PBCQ, and J-P<^F is equal 
to the area PBFGECQ below the curve. Hence it follows that 
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the area GEC must be equal to the area BEG, which is Maxwell’s 
rule. 

Let us now assume the validity of the van der Waals equation 
to enable us to integrate the expression obtained by following the 
theoretical path. We have 

p _ RT _ a 
F - 6 F2' 

Hence 


Equating tMs expression to P(F 2 — Fj) we obtain 


or 


P{V, - Fi) = RT Inl 


V^-b FiF, 

{V,~V,) = RT In 


(V. - FO 


V, 


F, 


(67) 


The points B and G are on the curve, so that for these points the 
van der Waals equation must hold. Hence 


{P + ^^{V.~-b)^RT .... ( 68 ) 

(P + ^^ {yi-b)=RT . . . . (69) 


From these three equations, we can for any given temperature 
calculate the value of the vapour pressure P or of the volumes 
Fi and Fj occupied by one mole of liquid and of saturated vapour 
respectively. 

Dieterici’s Equation for Latent Heat of Vaporization. An 

interesting though empirical expression has been suggested by 
Dieterici connecting the internal latent heat with the specific 
volumes of liquid and saturated vapour Fj and F^. The expression 


Ji = kRTlnV,/V^ 

where £ is a constant. {Ann. der. Physik, 1908, 25, 269 ; ib., 
11, 35, 220). The following table gives the values of this constant 
or t e case of Iso-pentane. They are based upon Yoxmg’s data. 
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r K. 

Pressure of i 
Saturated 
"^'apour. 

Fa per 
Gram- 

F* per 
Gram. 

Af 

Cals. 


k. 

283-0 

390-5 

1-5885 

607*5 

78-64 

46-15 

1-704 

293-0 

572-6 

1-6141 

424-0 

75-97 

44-76 

1-697 

303-0 

815-3 

1-6413 

303-0 

73-52 

43-35 

1-696 

323-0 

1.533-0 

1-7005 

167-6 

68-95 

40-66 

1-696 

343-0 

2,653-0 ^ 

1-7679 

98-9 

64-18 

; 37-86 ; 

1 1-695 

363-0 

4,296-0 : 

1-8475 

61-85 

59-49 

34-94 1 

i 1-703 

383-0 

6.596-0 

1*9455 

39-80 . 

53-78 

31-71 j 

1-696 

403-0 

^ 9,707-0 : 

2-0720 

26-10 

47-65 

27-99 : 

1-702 

423-0 

: 13,804-0 ; 

2-2500 

17-14 

40-18 

23-56 

1-705 

443-0 

/ 19,094-0 I 

2-5550 

10-71 

29-53 

: 17-40 

1*697 

458-0 

; 23,992-0 i 

3-1830 

6-355 

14-17 

8-68 

1-632 

; 460-0 

! 

; 25,010-0 

4-266 

4-266 

— 

0 

— 


It will be seen that in the range of temperature considered, 
namely from 10’ C. up to the critical point 187-8® C. (= 460-8° K.) 
the constant A' is remarkably good, being well within the limits 
of experimental error. Xot only so but the value of the constant, 
obtamed for all normal non-polar liquids, is found to be the same. 
The total variation is said to be less than 2 per cent. The following 
table gives the values for a few such substances : 


Substance. 

k. 

1 Substance. 

1 

k. 

= ii.Pentane 

1-707 

! 

1 Zinc Chloride . . . 

1-741 

1 n.Hesane 

1-752 

' Ethyl ether .... 

1-724 

^ ii.Heptane 

1-814 

, Methyl formate . , . 

1-706 

! n.Octane 

1-858 

1 Ethyl formate . . . 

1-747 

’2:3 dimethyl n. Butane . 

1-725 

1 Methyl acetate . . . 

1-784 

; di-iso-butyl or 


Propyl formate . . . 

1-774 

■■ 2:5 dimethyl n.Hexane 

1-813 ! 

Ethyl acetate . . . 

i 1-812 

' Hexamethylene . . . 

1-694 i 

Methyl propionate . . 

i 1-803 

; Benzene 

1-690 : 

Propyl acetate . . . 

1-850 

; Muor-benzene . . . 

1-711 

Ethyl propionate . . 

1-837 

; Chlor-benzene. . . . 

1-714 

Methyl butyrate . . 

: 1-824 

^ Brom-benzene . . . 

1-691 

Methyl isO'butyrate 

i 1-810 

S lodo-benzene .... 

1-687 

Carbon dioxide . . . 

1-717 

; Carbon tetrachloride 

1-667 

Sulphur dioxide . , . ! 

1-730 


,1 



CHAPTER V 


CRITERIA OF EQUILIBRIUM 

Our consideration of the subject of entropy led us to the con- 
clusion that, for any completely isolated system, the value of tins 
property tends to increase towards a maximum value which is 
characteristic of the equilibrium state. Hence it is evident that 
we have at once a criterion of equihbrium for any isolated system, 
namely that the entropy is a maximum, or expressed mathematic- 
ally, dS = 0. 

We have also traced a certain equivalence between this state- 
ment and the fact that the equilibrium state is the state of maxi- 
mum thermodynamic probability, so that for a completely isolated 
system we may also write, as our criterion of equilibrium dW — 0. 

These criteria are perfectly general and are apphcable to any 
system which is completely isolated. But, as we have seen, the 
systems which have to be investigated in the laboratory are usually 
very far from being isolated, in fact a completely isolated system 
is never quite realized in practice, so that these criteria are some- 
what difficult to apply to actual cases. Moreover, the entropy is 
not always the simplest function to calculate, in the case of com- 
plex systems. We therefore seek for some criterion which, although 
it may be theoretically less general in scope, is nevertheless capable 
of much wider apphcation to ordinary chemical problems. 

Now we have seen that any natural process occurs in virtue of 
the fact that the system, when properly employed, is capable of 
yielding a certain maximum amount of external work. Hence the 
quantity of this external work gives us an indication of how far 
Idle system is from the equilibrium state. In other words, a 
criterion of equihbrium is that the maxiTmim work of which the 
system is capable, in undergoing any change whatever must be 
Thus suppose we are considering some change 
oojurring in a system such as the diffusion of an electrolyte through- 
out a solution. In the diagram (Fig. 14) let Ci and Co represent 
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the concentratioiis in two contiguous sections, A and of a solu- 
tion. Then if Ci is greater than Cz experiment shows that solute 
will pass from A to B, Suppose an infimtely small number d 7 i 
of moles so pass, then the maximum work which could be done 
bv the system as a result of this transfer is, if the gas laws are 
assumed for the solution and the temperature is regarded as con- 
stant — 

dnMT hi 

This is positive, as we should expect for a natural or spontaneous 
process. As the diffusion proceeds, however, this work gradually 
decreases, finally becoming zero when Cj is equal to Cg, i.e. when 
the concentration of the solution is uniform throughout. In order, 
then, to test whether the system has arrived at a condition of 
equilibrium, in regard to some process, we imagine the process to 
proceed by an infinitesimal amount and calculate the maximum 
work which the system is capable of per- 
forming in virtue of this change, if the 
process is properly apphed. If this maxi- 
mum work quantity is zero the system 
is in a state of equilibrium. 

This is not, however, quite suflG^cient. 

In order to employ this criterion to 
practical problems, we must be a little 
more specific as regards the conditions 14. 

of experiment. hTow, as a rule, our 

measurements are carried out either at constant volume or, more 
generally under the constant pressure of the surroundings, usually 
the atmosphere. The example which we have just considered occurs 
at constant volume, but if the process under consideration involves 
an expansion while the external pressure is maintained constant, 
then the system will have to perform work upon the surroundings. 
This work is not available for external use, but is compulsory 
work ; the pressure of the atmosphere is, in fact, tending to drive 
the process in the backward direction, and the system, to be in 
equihbrium, must overcome this tendency. This work must be 
done, if we imagine an infinitesimal change, even when the system 
has attained equilibrium. In addition to this work, however, if 
the system is undergoing any natural process, it is capable, if 
properly apphed, of yielding a certain definite amount of external 
work which may be apphed to drive some external machine. The 
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criterion of equilibrium for this case is thus, not that the value 
of 10^^^ for an infinitesimally small change is zero, but that the 
available external work is zero. 

This will probably become clearer if we consider an actual case, 
such as a chemical reaction occurring in a system, which we shall 
denote by the letter A, Suppose the reaction is accompanied by 
an increase in volume, and let the pressure of the atmosphere be 
P. Let us consider the reaction to proceed by an infinitesimal 
amount, the corresponding increase in the volume being dV. 
Then compulsory work of amount PdV must be done by the system 
upon the surroundings. But this gives us no indication as to 
whether the system has arrived at the equilibrium state. What 
we require to determine is whether the system is also capable of 
performing any other external work in virtue of the change, 
or, in mathematical language, we desire to find the value of the 
difierence {ic^ax H quantity is zero, the system is 

in a state of equilibrium. 

Another way of regarding the problem is to consider the com- 
bined system (A -f Atmosphere). We allow the process to pro- 
ceed by an infinitesimal amount and calculate the maximum work 
which the combined system can, if properly applied, perform upon 
the surroundings of this combined system (which will not, of course, 
include the atmosphere). If this work is positive, we are dealing 
with a natural process occurring in the combined system ; if the 
value is zero then the system is in equilibrium. Now it is imma- 
terial whether or not any work changes have occurred in the com- 
bined system itseK during this infinitesimal process, it is only the 
work done by the system as a whole upon some suitable machine 
that is of use in determining the equihbrium state. It should be 
carefully noted, however, that although this point of view of the 
combined system may serve as a useful guide in helping us to 
form our conception of the meaning of these criteria of equihbrium, 
the former ^pect, of the system A by itself, is the one which is 
invariably employed in practice. 

We must now attempt to formulate this criterion a Little more 
preci^ly and we shall consider, first of all, the case of a system 
in which a process is occurring at constant volume. No external 
work is done upon the atmosphere during the process and if we 
r^taict ouiselv^, for convenience, to an isothermal process, we have 

— dA, 
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Hence tie criterion of equilibrium for this case is dA = 0, or, if 
we wish to express the fact that the volume and temperature are 
regarded as constant, the criterion becomes — 

(dA)^y = 0 ( 1 ) 

or the maximum work of any isothermal process occurring in a 
system at constant volume is zero at the equilibrium point. 

We are now in a position to define a quantity which has hitherto 
only been vaguely described as a properly of the system, differences 
in which could be measured. This property has been called the 
work content and has been denoted by A, The first law of 
thermodynamics for an isothermal reversible process takes the 
form 

dA = dU — q 

or, since q = TdS, we have 

dA = dU- TdS. 

Now, since the temperature is constant we may integrate this 
expression and obtain 

A = D — TS + Constant. 

It is usual to regard the constant as zero and define the work 
content bv the equation 

A = U-TS (2) 

Having obtained a complete definition of the criterion of equih- 
brium in systems the volume of which is constant, we now pro- 
pose to turn our attention, once more, to the more important case 
of processes which occur at constant pressure. Suppose this pres- 
sure is denoted by P and that the volume change accompanying 
the process is dV (for an infinitesimal change). Then the maximum 
work which the system could perform and which would be available 
for external use is ~ since we must deduct from 
the compulsory work performed agaiost the atmosphere. If we 
confine ourselves once again to an isothermal process we may 
replace by — dA, so that the available work is — d A — PdV. 

Now it is evident that if any system, such for instance as a 
crystal, is in contact with the atmosphere, and not undergoing 
any change, then the system must be in equilibrium with the 
atmosphere, that is the pressure of the crystal outwards must be 
equal to the pressure of the atmosphere. Now suppose m expan- 
sion occurs in the system of amount dV. Since the pressure of 
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the atmosphere which is opposing the expansion is equal to the 
pressure of the crystal, we may regard the expansion as reversible. 
The work done in expansion is PdV where P is now the pressure 
of the system itself as well as that of the surroundings. Now for 
such an isothermal reversible process the available energy is usually 
known as the decrease in free energy of the system. If we 
denote the free energy of the system by the letter F, then on the 
usual notation — dF will denote an i nfini tesimally small decrease 


in the free energy, so that we may write 

^dF=-dA-- PdV (3) 

and the condition of equilibrium which we have obtained is 

{dF)^p = 0 ( 4 ) 


or the free energy change accompanying any isothermal process 
in a system in the equilibrium state and under constant pressure 
is zero. 

Now since dA=^dTJ — TdS, we may write equation (3) in the 
form 

dF^dU-TdS + PdV (5) 

and if we integrate this expression and neglect the integration 
constant we obtain, since pressure and temperature are both con- 
stants — 

F^U-TS + Py (6) 

But since U -j- PV = H where H is the heat content of the system 
it follows that 

F = H-TS (7) 

It will be evident from this definition of the free energy of a system 
that F is an extensive property of the system, since we have seen 
that both H and S are such, while Temperature is an intensive 
property. In other words, for any completed cycle of changes we 

have j dF = 0. 

Equatioi^ (2) and (7) are very important, constituting, as they 
do, defimtions of the work content and the free energy of any 
system. 

The latter term, especially, has often been used very loosely 
and different authors have attached different meanings to it. But 
the meaning we have here adopted is that most usually employed 
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at the present day and is the one which seems to be at once the 
most logical and the most practical. 

A little consideration will show that it is by no means necessary 
to limit this free energy criterion to the case where the pressure 
of the system is maintained constant. For, take the case of an 
isothermal change occurring in a system at constant Yolume. The 
system does not perform any work upon the surroundings so that 
the decrease in the free energy of the system is exactly equal to 
the maximum work which the system could have performed if 
suitable apparatus had been employed. In other words, we have 
for such a change 

-1F=-AA. 

These two cases, namely processes which occur at constant 
volume or at constant pressure are the most important practically, 
but it is evident that for any reversible isothermal process what- 
soever, the decrease in the free energy of the system, i.e. the 
amount of available external work which the system was capable 
of performing if suitably employed, is equal to the total maximum 
work of the process ~ AA. minus the work which actually is done 
by the system. Xow’ it is just this available work, i.e. work which 
is not done but which could be done by the system (although its 
performance would upset the equilibrium) which really measures 
how far the system is from equihbrium, and when this quantity 
is zero wn know that the s}^tem is already in the equilibrium 
state. Xow’ for any isothermal process, this available energy is 
given by — AF. Hence for any such process the criterion of 
equilibrium is that for an infinitesimal change dF = 0. To apply 
this criterion we imagine that the process can proceed revemibly 
by an infinitesimal amount and thus we calculate the maximum 
work performed in tliis imaginary process, and from this we sub- 
tract the maximum work which had to be performed by the system 
as a whole as a result of extemal opposing forces, i.e. we subtract 

the integral ^ PdV where P represents a pressure equivalent to 

the total opposing forces. 

The criteria of equilibria which we propose to employ are thus 
dS = 0; {dA)2>y = 0 ; (dF) 0 . 

Before proceeding to their application to the problems of physical 
chemistry, however, it will be well to consider these functions 
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A and F a little more closely in relation to the variables of a system 
pressure, volume, and temperature. 

We have defined these functions as follows : 

A =^U- TS 
F = H- TS. 

Let us differentiate them with respect to volume keeping the 
temperature constant. We obtain 


/M') 

\37jr \S7/i \3yJ 

(?l\ - t (?1 

VaF/j. KdVJr V 8 F 




( 8 ) 

( 9 ) 


But by equation III (22) we have 

p = _ (~\ 

KdvJa- 

so that, for an isothermal process of expansion, we have 

(rF),= - 

or dA = ^ PdV 

or the maximum work done by the system in expanding from Vi 
to Vz is 


■ A4 




PdV 


( 10 ) 




wiicli corresponds with our previous definition of — AA. 

On the other hand, if we differentiate A and P wdth respect to 
pressure keeping the temperature constant, we obtain — 

/dA\ ^ /dU\ _ 


But by equation III (28) we have 


( 11 ) 

(12) 


V = ^ 


\dPJi 


so that equation (12) becomes 


• . ( 13 ) 
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or for an isothermal reversible process we may write 

= [ F<fP (13a) 


Xow in Chapter I we considered a process known as the Three 
Stage Distillation Process, in which one mole of pure solvent was 
transferred isothermally and reversibly, via the vapour state into 
a solution. The maximum work done was found to he (equation I 

(13)) 

v^ 

-AA= po{Vo - t’o) + jpZF + Pi(»i - Fi) 

r. 

where po is the vapour pressure of the solvent, pi the vapour pres- 
sure of the solution, Vq and Vi are the volumes occupied by one 
mole of vapour at pressures po and pi respectively and Vq and 
the volume occupied by one mole of solvent in the pure solvent 
and in the solution respectively. We saw, however, that if we 
neglect Vq and Vi in comparison with Vq and 7i, as we legitimately 
may in practice, then this expression reduces to 

-AA = ^Vdp. 

Now what we have actually done in neglecting these small volumes 
is to regard the volume of the whole system as constant, i.e. to 
neglect the change in volume of the mole of solvent on transferring 
it from the solvent to the solution. Since, then, the volume change 
is zero, we should expect the value obtained for the maximum 
work, or the decrease in the work content, to be equal to the decrease 
in the free energy of the system. But this is actually what we 

have obtained since we have just shown that j VdP = | dF for 

an isothermal reversible process. The decrease in the work con- 
tent is, strictly speaking, slightly different from this quantity 
although the error in regarding the two as identical is not very 
large, in this particular case. As a result of this close agreement 
between the values of AA and AF, much unfortunate confusion 
has arisen between them in the literature and it will therefore be 
well to distinguish carefully between the two quantities even in 
such a case. If the volume change involved is not negligible as, 
for instance, in the case of a gaseous reaction, the free energy 
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change is by no means equal to the change in the work content 
and the two may even be of opposite signs. 

Let us now difierentiate F with respect to the temperature, the 
pressure being maintained constant. We obtain 



But, by equation III (18) the first two terms on the right-hand 
side are identical, so that equation (14) becomes 



or since F = H — TS, we have — S = {F — H)/T so that 

If, now, instead of the integrals F and H, we consider change in 
these functions — AF and — AH we obtain 

= .... (16) 

which will be seen to be of the same form as the Gibbs-Helmholtz 
equation 



except that F and H are replaced by U and A and that whereas 
equation (16) refers to reactions at constant volume, equation (17) 
refers to processes at constant pressure. 

There is one point in our discussion which has as yet only 
received a passing reference and which must now be considered a 
little more completely. This is the fact that we have entirely 
disregarded the integration constant in our derivation of the 
expressions for the free energy F and the work content A, Now 
we shall see in a later chapter that at absolute zero any change 
AF m the free energy is accompanied by an equal change in the 
heat content, i.e. at absolute zero AF = AH. Moreover, there is 
at this temperature no tendency for the system to lose free energy 
by a fall in the temperature, so that it seems reasonable to assume 
that at this temperature the free energy is equal to the heat con- 
tent, oi F = H. But if we substitute the condition T = 0 in the 
expr^sion for the free energy which we have given, namely 
F — H — TS, we obtain F = H. Hence it appears that we are 
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justified in equating the integration constant to zero. Similar 
considerations apply to the definition of the work content A. 
^Yhen we come to deal with the Xernst Heat theorem in Chapter 
XIL the procedure will become clearer. 

Before closing this chapter, however, we propose to give a table 
which will be foimd to be of great assistance in solving what will 
already have appeared to the student a somewhat laborious 
problem. We have introduced, one by one, quite an array of 
properties of a system, denoted by P, T, F, H, U, A, S, F, and we 
have derived a number of mathematical relations between these 
properties. However, it will be perfectly obvious that we have 
not nearly ezhausted all the possible relations which could exist 
between these functions, and in order to facilitate the calculation 
of these expressions, Bridgman (Phys. Rev., (2), 1914, 3, 273) has 
elaborated the following method. 

A series of expressions of the form (dx)^ are given in the table 
where x and r are any of the above properties. By dividing one 
of these expressions by another, say (dx)^ by (dy)^, we obtain the 

value of the difierential coefficient • The theory of the 

method is given in the paper cited, and it will be seen from the 
table that the following general expression holds between the 
values in the table : 

(dxl=-{dz),. 

The following example will suffice to indicate the application 
of the method to specific cases. From the table we obtain 
{dF)j> = — T and (dP)^ = — L so that dividing one by the 
other we get 

fdF\ _(dF}r__y 

VeP^. idPh 

which is the value given in expression (13). 

Bridgman has had to employ three derivatives of the above 
properties in terms of which the others are expressed. He has 
therefore chosen three which are readily measiireable, namely 



I.T. 


H 
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The foUowiag is the table : 

(dT)p = - (dP)T = 1 

(aF)p = _ {dP)7 = (3F/aT)p 

{d8)p = - (3P)s = Gp/T 

(dU)p = - {dP)u =Op- P{dV/dT)p 

{dH)p = - {dP]E = Op 

{dF)p = - {dP)p = - 8 

(dA)p = - {dP)A = - (S + P{dV/dT)p) 

(3F)r = - {3T)t = - (dV/dP)T 

(d8)p= - (dT)s = {dV/dT)p 

(dU)T = - {dT)u = T{dV/dT)p + P(dV/dP)T 

(dE)T = - {BT)e = - F + T(dV/dT)p 

(dF)T = - {dT)p= - F 

{dA)T = - {BTU = P{dV/dP)T 

(3S)f= - (3F)5 =|,[Oj,{3F/3P)2. + P(3F/3P)V] 

(3!7)v = - {0F)f7 = Oj,(3F/3P)2. + nZY IBTY p 

(3fl)F= - {3 F)b = Oj,(3F/3P)!r + P(3F/3P)V - F(3F/3 P)p 

0;?)^= - {dV)F = - [F(3F/3P)p + /Sf(3F/3P)rf 

(34) f = - (3F)^ = - -S(3F/3P)2. 

{dU)s = - (.S8)u = |[Oy(3F/3P)r + P(3F/3 P)=p] 

(9H)5 = ~ {dS)E — — 

(dF)s = - (3-S)p = - ^[FCj, - ;8P(3F/3T)p] 

idA)s = - (3-SU =^[P{C»p(3F/3P)p + r(3F/3r)V} + -SP{3F/3 P)p] 

(35) i; = - (3I7 )h = - F[(7p - P(3F/3P)p] - P[Op(3F/3P)T + 


(3P)ir=-(3P)p = 


P(3F/3P)p] - P[Op(3F/3P)T + 

P(3F/3!P)*p] 

P(3F/3r)p] + P[P(3F/3P)p + 

P(3F/3P)i.] 


{dA)u= -{dU)A = piOp[dv/dP)T + n3y/dTr-pi^ a 

(3^)2 = - {dH)F = - V{Cp + 8) + P;Sf(3F/3P)p 

(dA}E = - {dH)A = - [-S + P(3F/3P)p][F - P(3F/3 P)p] + 

* ;.p(3F/3P)i. 

{dA)p = - (dF)A =-8[V + P{dV/BP)T] - PF(3F/3P)p 



CHAPTER \H 


APPLICATIOXS OP THE CRITERIA OP EQUILIBRIA TO 
HOMOGENEOUS SYSTExMS 

We shall consider, first of all, the case of a gaseous reaction 
which is carried out at constant temperature and volume, and we 
may evidently employ either the criterion (dJ)yp = 0, or the more 
general one = 0. In order to do this we must introduce a 
conception, due originally to van't Hoff, which is known as the 
" Equilibrium Box."' Such a box is supposed to be of constant 
volume and to have sides, each of which is permeable to one only 
of the reacting species. Let us consider a reaction occurring at 
constant temperature of the form 

A + B = C-f P. 

Such a reaction, as we know, wiU proceed until the equilibrium 
state is attained. Let us suppose that the four substances are all 
present in the box and that equilibrium already exists between 
them. The concentrations in the box will be denoted by G^, G^, 
Go Gj). 

Now suppose an infinitely smaD number dn moles of M are intro- 
duced reversibly (that is at the equilibrium concentration and 
pressure) through one of the semi-permeable sides, into the box. 
The osmotic work done upon the system will be Pj7^ where Pj_ 
is the partial pre.?sure of J in the equilibrium box, Fj is the volume 
occupied by d/> moles at this pressure. At the same time, suppose 
d/i moles of B are also introduced isothermally and reversibly 
through another wall of the box. The osmotic work performed 
upon the system is -l- P^Pb- Hence the total osmotic work per- 
formed by the system is — P^F^ — P^F^. It will be evident 
that these quantities are too small to affect the concentrations of 
A and B in the box appreciably and the two species react imme- 
diately at constant volume and temperature forming dn moles of 
G and dn moles of D. These are immediately removed through 
two of the remaining walls, the opposing pressures being equal to 
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tlie partial pressures of C and D in tlie box, so that tbe reraova] 
is reversible. The work done by tbe system is “f Pj^F^. 

Now since tbe substances in tbe box are in equilibrium and since 
equilibrium also obtains between tbe gases inside and outside the 
box, tbe maximum work done by tbe system over tbe whole of 
this imaginary process must be zero, tbe constancy of tbe volume 
ensuring that no external work is required. In symbols — 
-AA = -AP = -P^y^-P^7^ + PaFa + Pj)F^ = 0. . 
This, of course, is only true provided tbe gases enter and leave tbe 
box in a reversible manner, i.e. at the equilibrium concentrations 
and pressures. 

We may now imagine this process continued until 1 mole of A 
and I mole of B have reacted and been transformed to 1 mole of 
C and 1 mole of P, tbe whole process being carried out by infinitely 
small amounts and tbe net work over tbe whole process being zero. 


Deduction of the Law of Mass Action for a Homogeneous 
Gaseous System. 

We now consider two equibbrium boxes I and II, of tbe type 
abeady described. Tbe gaseous reaction, which we shall con- 
sider, is as before A -f P = 0 + P, and we regard tbe equibbrium 
concentrations as different in tbe two boxes. Let us denote them 


follows : 


In box I 


Concentrations. 

C^,Cs,Ga,Gj,. 


Partial Pressures. 
P^j ^ D’ 


Vol. of dn moles. 

'^D' 


In box II G'^, G's, G'a, G'j,. P'^, P'c> P'n- ^'a> «'j>- 

We perform tbe following isothermal reversible cycle upon tbe 
system : 

(a) Isotbermally and reversibly withdraw dn moles of A from 
box I. Tbe work done by tbe system is Tbe volume of 

this portion of substance A is now changed reversibly from to 
by means of tbe cylinder and piston denoted III in tbe dia- 

v'j. 

gram (Fig. 15), when tbe work done by tbe system is ^Pdv. It 

VA 

is then compressed isotbermally and reversibly into box II, when 
tbe work done by tbe system is — The total work done 

by tbe system in this three-stage process is 
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Pa 

These tliree terms add matliematicaliy to give j vdP. That this 

p\i 

happens to equal the free energy decrease — AF of the system is 
due to the fact that we have not altered the total volume of the 
two boxes. 


I 


Ca^Cb^ 



u 

CaXb^ 

CLCA. 


ib) Simuitaneoiisly we withdraw da moles of B from I and 
transfer it isothermally and reversibly to the second box in a pre- 
ciselv similar manner. Tlie work done, or since the volume is 

Pb 

constant, the free energy decrease is j vdP. These substances 

P'b 

now react in box II, no tvork wdiatever being performed since the 
system is in equilibrium. The dn moles of C and D thus formed 
are then transferred isothermallv and reversiblv from box II to 

P'C P'D 

'• r* 

box I. The work of transfer is j vdP ~ j vdP, 

Pc Pd 

The moles now react in box I forming dn moles of A and dn 
moles of B so that the whole system is now in its original state 
and since the contents of box I are in equilibrium it is evident 
that this last reaction is not accompanied by any work. The 
total work done b}’ the system over the whole series of changes is — 

Pa Pe P'c P'ij 

-1A= I nIP - I vdP - I vdP - I vdP . (1) 

P'A P’E Pc Pd 

But since we have carried out the whole cycle isothermally and 
revembly the total maximum work of the process must be zero, 
i.e. — A-.4 = 0. As we have already pointed out. we have in this 
cycle also determined the free energy decrease, since for any system 
at constant volume ~~ AA = — AF. 
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Let us now assume that we can apply the gas laws to the system 
under consideration. If we do this we obtain 


-AA = -AF = duBT In^ + dn.BT In^ 


P' 

s 

+ dn.RT Int^ + dyiRT In^ 


'Pc 




Dividing tlixongli by dn.RT we obtain 


In^- 

^ A 


Inp- 

^ B 


h 


'F'r 


ln^=0 

^ D 


or 


X P', X P' 


Pn X PjD P'n X P 


c 

~ = Constant == (say) 


D 


( 2 ) 


If, now we substitute P = RTG, we obtain tbe similar equation— 


Gq ^ Gj) 


G'a X G'j^ 
G'c X G'j, 


= Constant = 


( 3 ) 


This is the well-known law of mass action as enunciated by Guld- 
berg and Waage. It refers, as we have seen, to a homogeneous 
gaseous reaction at constant temperature. Moreover, its deduction 
from thermodynamical principles depends upon the assumption 
that the system behaves like a perfect gas, and hence the applica- 
bility of the law is limited to those cases for which this assumption 
is valid. 

We now pass on to a very important consideration which is 
known from its originator as the van’t Hofi Isotherm. 

Van’t Hoff Isotherm. Let us consider a reaction such as the 
following : 

n^A -f ruB + n^G + . . . = n^' + n,'B' + n^'G' + ... 

and suppose we have a series of large reservoirs containing respec- 
tively A, B, 0, .... A\ B\ G\ . . ., all at arbitrary concentrations 
^ch we shaU represeut by C^, 0^, G^., 0^; Co-, .... 

These reservoirs are supposed to be of sufficient capacity that the 
loss of say tii moles of A from the reservoir containing that sub- 
stance^ will not have any appreciable effect upon the concentration 
of A in that reservoir. In addition to these reservoirs, we have 
an equilibrium box one side of which is permeable to each of the 
sulBtances A, B, C, A', B', C\ respectively. In this 
xt e substances are all at the equilibrium concentrations, which 
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we shall denote by (A), (B), (C), .... (A'). (B'), (C'j, - • The 

whole system is maintained at a constant temperature. 

The following process is accomplished isothermally and reversi- 
bly, each part of the process occurring simultaneously with the 
other parts. Let us denote the reservoirs by the sraibols B 
. . . E etc. 

We transfer moles of A from to the equilibrium box 
/lo ?r ?! B Rjl^ •' ?' j; 

/is .. C Rr - -r r: 

etc.j etc., etc. 

If this process is carried on proportionately but in infiiiitesimal 
quantities at a time the substances react as soon as they enter the 
box forming the resultants A\ B\ C\ etc., which may immediately 
l^e removed and transferred to the respective reservoirs. In this 
way the total concentration of each of the substances in the equili- 
brium box will remain unaltered throughout the whole process of 
transfer. Eventually we shall have transferred from the equili- 
brium box — 

??/ moles of A' to reservoir R 
moles of B' to reservoir R-^^ 
moles of C' to resenw R^' 
etc., etc., etc. 

The process is now complete and w’e propose to determine the 
decrease in free energj" of the whole system as a result of the change. 
This may be accomplished by either of two methods. The first 
consists simply in calculating the decrease in free energy accom- 
panying the transfer of each of the species, A, B. .... A\ B\ etc., 
by means of the relation obtained in the last chapter (equation 13a), 
namelv 

Af = I = I VdP. 

The other method which is the one originally employed by van’t 
Hoff is to regard the reservoirs as being of sufficient size that the 
change in concentration is negligible if the volume is kept 
constant. VanT Hoff thus calculates the maximum work accom- 
panying this reversible, imaginary, process, and hence he determines 
the decrease in the work content which occurs when Ui moles of 
A at concentration 0^ plus moles of B at’ concentration (7^ 
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plus, etc., react to give n\ moles of A' at concentration plus 
n\ moles of B' at concentration plus, etc., the volume of the 
whole system being constant. His formulae therefore refer to 
— A.4, for a system at constant volume, although it is evident 
that what he really obtained is — AE for any reaction whatsoever 
which occurs at constant temperature. 

Now let us consider the transfer of one of the substances, say A ; 
111 moles of this substance are transferred to the equilibrium box 
from the reservoir The free energy decrease is therefore 

given by 

Pa 

-LF=^^vdP 

where is the partial pressure of A in the equilibrium box and 
is the pressure of the gas in the reservoir R 4 ^. It is evident, 
from our previous considerations, that this is equal to the maxi- 
mum 'work done by the system, during the process of transfer, if 
the volume is regarded as constant. 

Let us now assume, as before, that the gas laws may be applied 
to the system. The decrease in the free energy of the system 
due to the transfer thus becomes 

- ^F^ = ih.ET hi^ 

^ €A 

since we are dealing with Ui moles of the substance. 

On the other hand, if we consider the transfer of oi\ moles of 
A\ since the direction is from the equilibrium box to the reservoir, 
the free energy decrease must be 

- Af x' = - n\.RT In^. 

We must now sum all these terms in order to obtain the total 
decrease in the free energy. \Ye thus obtain 

-LF = Zn .RT hi£ - Sn'.RT In^ (4) 

Since we liave assumed the applicability of the gas laws we may 
replace P hy ETC in this equation and obtain 

- tPF = Zn.ETln-^ ~ En'.RTln^ . . (4a) 
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ZSow ir is usual to express the equilibrium constant of the reaction 
in the following manner 

_ ... 

U^.{5F=.{rf. ... 

that we may write 

hi — Ye' (p C/ — Ye hi C\. 

Hence equation (At) becomes 

~1F = RT in - RT:Zp' In C - RT.^n In- C. 


The last two terms of this expression are of the form 


- RT in 


/</ fif rn nr 
^ I 





that is. it has the saim^ form as the equilibrium constant term 
RT hi A’,, except that it is negative in sign and that the concen- 
trations are the arbitrary values instead of the equilibrium con- 
centrations. This term is usually expressed by the stnnbols 
— RTI.n.In C, so that we may wTite 

-lF^RTJnK,~RTEnJnC . . . ( 5 ) 

This equation is known as the van't Hoff Isotherm and is of great 
practical importance. 

It will be evident from equation (3) that if we express the equili- 
brium constant in terms of the partial pressures of the reacting 
substances, instead of concentrations, i.e. if we put 

n PeA^ X X P eC' • • • 

^ ^.^xP,^xP,e 

then we may equally w^ll express the isotherm as follows : 

-\F = RThiEp-Rn,n.lnP ... ( 6 ) 

where Y/i . hi P is of the same form as the equilibrium constant 
Pg, but contains the arbitrary pressures instead of the equilibrium 
values. 

If the reaction which we are considering occurs at constant 
volume, i.e. if, in the deduction of the isotherm, the total volume 
is regarded as constant, then — AP = — AM, so that 

— AM = RT. hi Kc — RTLn, In (7 . . . (7) 

We now propose to determine the manner in which the equili- 
brium constant of a reaction varies with the temperature, and we 
shall consider two important cases, namely reactions at constant 
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volume and reactions at constant pressure. In the first case, that 
of constant volume, we have seen that the isotherm takes the form— 

-AA = RT In - RTZn.ln 0, 

Let us difierentiate this expression with respect to temperature 
then since the volume is constant 


31 )r 




dT 

- REn In C-Rt( 

But. by equatiou (7), we bave 

R In K. — REn.ln C = 


,,/d{En In C)\ 

\~~w~ )■ 


AA 


T 


and since tbe concentrations G are arbitrary and in no way depen- 
dent upon tbe temperature, it follows that 
d{En. In C) 


dT 


= 0 . 


Hence we obtain, on multipl}ung tbe expression tbrougb by T, 


'd{-AA)\ 

. dT 


= RT^^J^^ - AA 


( 8 ) 


Now the Gibbs-Helmholtz equation gives (equation V (17)) 


’( 


9 (- 


dT 




: AV ~ AA, 


Hence, by comparing the two equations, we obtain 


/d In. Kc\ _ 
\ dT )y 


RT^ 


( 9 ) 


But we are considering a reaction which occurs at constant volume 
and we have seen that for such a reaction by equation I (5) 

AV = q, 

where is the heat absorbed by the system during the reaction. 
Moreover, since the equihbrium constant is itseK independent 
of the volume, it is unnecessary to write the differential coefficient 
of In Kf. as a partial coefficient. Hence equation (9) may be 
written 

^ ^ =- Js- ( 10 ) 

dT ' RT^ ^ ' 

This expression is known as tbe van’t Hoff Isocbore and is of great 
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practical utility. It follows, as an immediate consequence of this 
equation that if we are dealing with a reaction of the form 

^ nJB ^ = n^'A' -f n^B' -f- ..... 

which involves the absorption of heat, i.e. q,. is positive, and if, 
in the usual way, we write 

_ 

" (A)^{B)^^- 

then an increase in temperature is followed by an increase in the 
value of the equilibrium constant that is the forward reaction 
is favoured (i.e. from left to right). 

TTe shall now turn our attention to the case of a reaction at 
constant pressure. For this case it will be foimd convenient to 
employ the isotherm in the form 

IF ^RT In - Rmi In P 

since if the total pressure is kept constant, the concentrations of the 
various reacting substances, etc., must vary wuth the 

temperature, and w*e can therefore no longer write = 0, 

whereas the constancy of the total pressure requires the constancy 
of the partial pressures of these substances and hence we have 

d{Sti. hi P) 


BT 


= 0 . 


Let us now differentiate ~ AF with respect to temperature, 




B h i A’ 


AT 


Rlr. In P - 

dT 


IF 


- RT A In A',. AT 


SO that we have 




.A hi K„ 
AT 


But by equation Y (16) 

^/ 5 (- \F)\ 


( 11 ) 
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so that, comparing the two equations, we obtain 

d In AH 

dT RT^ ( 12 ) 


But equation I (7a) gives Aif = wliere is the heat of reac- 
tion at constant pressure (heat absorbed). Hence 


dj hi __ 

~dT * 


( 13 ) 


This relation follows also from the fact that if the expansion is 
represented at constant pressure by the increase in the number of 
moles, i.e. then assuming the gas laws 

q^, = q., + mV = q,-^^n.RT. 

Moreover, since P = RTC, we have X (PP)^^*' so that 

hi = In Kq 4- In RT, 

Hence we have, on difierentiating with respect to T 
cl hi _ d In ^ 1 

'~lT 

_ q^y , Sn. RT 
Rr- T- 

_ % 

Rr- 

which is identical with equation (13). 

In actual practice it is usual to employ the integrated form of 
these equations. Now as an approximation, for a small tempera- 
ture range, we may regard the heat of reaction at constant volume, 
q^. as constant and integrate the isochore between the limits Ti 
and Ps at which the equilibrium constants are and Ko. We 
obtain 

logA,-logZ, = 04343|(^-^) . . (14) 

the constant 0-434:3 merely converting the logarithms from the 
natural to the Briggsian type. 

The followmg example will illustrate the use of this formula 
(Emox, Phys^-Chemical Calcvlations^ Problem 166). 

At a temperature 27° C. and 1 atmosphere pressure the equili- 
brium constant of the reaction = 2NOo, namely 

~ ^ NO 
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is O'WlT. At 111' C. the constant is 0-204. What is the heat of 
dissociation per mole at constant volume ? 



B — '1 calories per mole 
T, = Tr C. - 300^ K. : J, - IIP C. = 384^ K. 


Hence 




2-313 log 


0-204 

0-0017 


300 X 384 
84 


= 13,110 calories. 


The assumption that the heat of reaction at constant volume, 
or the increase AP in the internal energy of the system, is inde- 
pendent of the temperature, is at best only an approximation, 
however, and we must express this quantity as a function of the 
temperature, if we are to integrate the isochore. This is done in 
the following manner. 

The direct measurement of the heats of reaction at various 
temperatures is not, in general, sufficiently accurate for our pur- 
pose. However, we have, bv Eorchhofi's equation (expression I 

m 



where and are the total heat capacities of the reactants and 
resultants respectively at constant volume. Xow Si = -ResiC- 
mnts = SGj. Resultants- Hence Sj — is the total change 

in the heat capacity at constant volume and equal to 

r Resiiliants ^ - i' Ileactants ~ • 

Xow experiment shows that we may write C\, for one mole of 
each substance as a function of the temperature as follows : 

C, = a - dr -r -r (15) 

where a, d, y, are constants for the particular substance, which 
may be determined experimentally. Usually the constants de- 
crease so rapidly in magnitude that only the first three or four 
terms are needed. Hence we may write 

(16) 

where. Aa, etc., represent the algebraic sum of all the terms a for 
all the species multiplied by the number of moles of that sub- 
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stance represented in the stoicheioimetrie ec|uation, i.e. Ak = E»a 
Hence by the Earchhoff equation 

?^)=Aa + A/ST + Ayr^+ ( 17 ) 


On integrating this expression we obtain 

AH = AH„ -h AaT + + + (IS) 

where tJJ ^ is a constant of integration which can be calculated 
from one experimental value of the heat of reaction at constant 
volume 2 ^.. It is not, as might be thought, equal to the heat of 
reaction at absolute zero, since as we have shown in an earlier 
chapter, the empirical expression (15) is only valid over a hroited 
temperature range. 

If, now, we employ equation (18) to integrate the van’t Hoff 
Isochore, w^e have 

d In Kq __ AU __ AUq , \ I 

■■■ 


so that on integrating we obtain — 


In K, = 


-AU, 

RT^ 


Aoc 

~R 


InT 


, ^yrp-2 

%R ^ m 


... (19) 


where I is an integration constant. It will be evident that this 
equation is only useful over a limited temperature range and that 
the integration constant I has no fundamental significance as it 
was once thought to have. The equation is best used, either by 
osculating I for some value of the temperature in the range within 
which the equation is valid, and hence calculating the value of 
at some other temperature in the range, or by considering only 
diSerences between the values of In when the integration 
constant vanishes. 

The expression just deduced is of great practical utility, how- 
ever, wiiMn the temperature range for which it is valid, since for 
many reactions the volume change is either zero or negligibly small. 
It enables us to calculate from specific heat data provided the 
heat of reaction for one particular temperature is known and also 
the value of for some one temperature. 

^ More important still, however, is the integration of the other 
similar e:q)r^don which we deduced for the case of a reaction at 
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constant pressure, and invohing tte equilibrium constant K^. 
The expression is 

dInK^_ 

dl BT^‘ 

Now w have seen by equarion I (IT) that for any substance 



Hence if, in any reaction. AC^ is the total change in the heat capacity 
at constant pressure, then in the same notation as before 

- (<w), 

This is, as wtr should expect, of the same form as KirchhoflE's equa- 
tion, except that as usual for the ease of constant pressure H 
replaces U. Now. as before, we may express the specific heat of 
any substance as a function of the temperature by means of the 
series 

C, = a'-,^'T-7T^- (21) 

where ah vh are constants characteristic of each substance. 
Hence for the algebraic sum, we have 


AO,, = Aa' - AdT -- AyT^ -r- . . . 
On integration we obtain — 


AH = Ax’T - ^r- 

__ -^y Ts 

3 

(23) 

Hence 



d hi K,, AH, Aa' . Ap' 
dl ^ BT^ BT 2B 

■ Ay' , 

32? 

(24) 

Inregraring we obtain — 



7-, 7 ;- AHq Aa J rp Ap rp = 

62? ■ ‘ 

(25) 


where /' again cannot be determined on the basis of classical 
thermodynamics and has the same limitations as the constant I, 
Of course, if we are considering the integration between two tem- 
perature limits this constant cancels out and we are thus enabled 
to calculate the value of for any temperature whatever, pro- 
vided we know the value for some one given temperature and the 
values of the constants AHqj Ay', which may be deter- 
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mined very simply from the experimental values of Aifo: a , 
y\ for the individual substances. 

Application of the Entropy Criterion to Homogeneous 
Systems. 

It will be both interesting and instructive to attempt the deduc- 
tion of some of these formulae by means of the criterion that the 
entropy of a completely isolated system is a maximum at the 
equilibrium point, or dS = 0. Suppose we have such a system at 
the constant temperature T and that the following reaction is 
taking place in that system 

n.A - n.B ~ n^G - . . . = nM' -r no'B' -f 
Let us assume that the equilibrium state has been attained and 
imagine the process to proceed by an infinitesimal amount. 
Changes will occur in the entropy values of each of the substances 
of infinitesimal amount ; in the case of the reactants which are 
disappearing we have a decrease of the form — dSj^, — dS^, etc., 
while for the reactants we have an increase of amoimt -f- dS^^>, 
— dSo'. etc. Xow since the entropy is an extensive property of 
any system it follows that the total entropy change over the whole 
system is equal to the algebraic sum of the changes in the entropy 
of all the indi\ddual substances. That is 

dS = ^dSjs^~- ... -dS^^dSjs- 

We must now, as before, introduce the assumption that the 
substances taking part in the reaction may all be regarded as 
perfect gases and we may then write (by equation III (10)) 
dS^ = 0,d In T-^Rd In for 1 mole 
and so on for all the other substances. ISTow since V = 1/C, it 
follows that In V = ~ In C, so that 

dS^^=C,dhiT - RdluC^i • . . . (26) 

But, since T is a constant it is evident that d In T = 0, so that 
we have 

dSj^ = — Rd hi C l for 1 mole. 

But there are >4 moles of A taking part in the reaction, hence 
dSj^ = ~ Rnid In C ^ == — R.d In 
Hence for the whole reaction 
dS = Ri hi Rd hi 

... 
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No%v the criterion ,.>f equilibrium is that dS — 0 autl therefore if 
we divide the above expression through by R we have 

d In f j"--' - d In CV'"’ - ... -d hi C /'■ - d In Cy'^' - . . = 0. 


On integrating this expression we obtain 


hi Cjd 

(y"..cy= 


or 


h cy-- - In cy - 
^ Constant = 


Constant 


which is the law of mass action. Hence by the application of the 
criterion AS = 0 for an infinitesimal change in an isolated system 
at the equilibrium state, together with the law for a perfect gas, 
we may arrive at the Giildberg and Waage expression and we liave 
tlms obtained the law by two independent thermodMiamic 

We have up to tiiis ixiint lieen dealing with an infinitesimal 
t'hange in a completely isolated system. We now propose to con- 
sider a ditiereiit type of system, however. Suppose we liave an 
equilibrium bo.x in wliieh the reaction just considered has pro- 
ceeded to the equilibrium ]x>int. The sides are |>ermeable, eacli 
to one only of the substance.s A, B, . . A'. B' . . . The tempera- 
ture is maintained constant. In addition to the box, we have at 
the same temperature reservoirs of each of these siib.stances at the- 
equilibrium concentrations. The reaction is carried out in in- 
finitesimal amounts ju.>t as in the case of tlie deduction of the vaift 
Hoff isotherm until n, moles of A, /u moles of B, etc., have passed 
into the box, and ii/ moles of A', ii s" moles of B\ etc., have pa.-sed 
out of the box to their respective reservoirs. It is proposed to 
find the total eiiange in the entropy of tlie w'hole system. It will 
}>e assumed tliar the total pressure of tlie system is maintained 
constant, tlie volume ciiarigiiig in the general case by an amount 
equivalent to the change in the number of moles as a result of the 
reaction. Now the change in the entropy of the equilibrium box 
and its contents is e%idently zero, since its initial and final states 
are identical. Let ns now consider the change whicli has occurred 
in the entropy of the substance A. Xow all that has happened 
to the reservoir containing this substance is that it has, at con- 
stant pressure, lost //j moles of A. No change in the volume of 
the remaining quantity of A has occurred. But for I mole of A, 

I.T. I 
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if we again assume we are dealing with a perfect gas, the entropy 

is ^7 

Sj^ = Cl^. hi T ^ R In + S'j^ where is a constant 
= C,hiT -RhiO^ 

Similarly Sj^r = C^. In T — R In 

Hence the total change in entropy over the whole process is given 
by 

= ‘TL'i ~ ~i“ • • • noSjg ... 

where AS as usual denotes an increase. 

The system is, naturally, not isolated, since if it were the process 
could not take place. Actually it has absorbed heat from the 
surroundings, since we are postulating constant pressure, and hence 
the increase in entropy of the system is equal to q^/T where T is 
the absolute temperature of the system, every part of the process 
having been accompHshed reversibly. We may therefore write 

q^: T = UnC,. hi T - 'ZR.n In C + EnS'. 

But since we have postulated that the concentrations C in the 
reservoirs are the equilibrium concentrations, we may replace 
S /2 hi C by the equilibrium constant and obtain 

hiE,^^SnC,.hiT~ + 

It will be observed that this expression gives as a function of 
the temperature alone and indicates the fact that it is independent 
of the volume and pressure, as indeed it should be. We will now 
transform this expression bv replacing E„ by E^. We know that 
E^ = E,(RT)-^ and hence 

In E^ = In Ec + In RT 

so that we have 

In Zp = izn C, In T ^ZnlnRT + 

I^t US now differentiate this expression with respect to tem- 
perature. Since we are dealing with a perfect gas (7^ may be 
regarded as a constant and moreover UnS' is a constant, so that 
i hi E^ __ EnC^ , ZnR , q^ 1 dq^ 

~~df 'W ' MBT' 

But \re know that for a perfect gas = R, so that 

ZnC^ , ZnR_ZnC,, 

RT ‘ RT RT 
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iuid moreover, bv equation (2 h) wf* have "the 

dl 

terms on the rialit-liand side all cancel except q.^ RT- and we are 
left witii the relatio!! 

dl RT- 

which iiS the ei|uati«jii deduced ]>efore from considerations of the 
free energy chanires ace-ompaiiying tlie reaction. 

Application of Thermodynamics to Radiation. 

We have no%v discussed the application of the principles of 
thermcKnuiamics to homogeneous equilibria in gaseous systems. 
Before closing this chapter, however, it will be of interest to con- 
sider an application to a somewhat different homogeneous system. 
Imagine a completely enclosed space which is entirely empty of 
all matter, bur contains a quantity of radiant energy. At any 
ifiven temperature, radiation will pass from the walls to the enclosed 
space, and in the reverse direction, at different rates until a con- 
dition of dynamic ecjuilibrium is attained, when the velocities 
])eeome identical. Such an enclosed space is known as “Hohl- 
raiim.'’ "RTien equilibrium has once been established, there will 
l>e, at any instant, the same quantity of radiant energy present 
in the Hohlraum. 

Now let us suppose that, by means of a sliding partition it is 
possible to change the nature of the wails of the Hohlraum. The 
partition is assumed to be frictionless and weightless, so that its 
motion does not involve any change in the free energy of the sys- 
tem. If the quantity of radiation in the Hohlraum is changed as 
a result of the change in tlie nature of the walls, this process, being 
spoirtaneons. must be accompanied by an increase \Si in the 
entropy of the system. The partition is now restored to its initial 
state, and there must be a spontaneous process in the system by 
which the quantity of radiation in the Hohlraum is brought back 
to its initial value. This involves a second increase in the entropy, 
AS2. But, the entropy is an extensive property of the system, 
so that the total change in the entropy is zero. i.e. 

AS. ~ AS, = 0. 

Xow, ASi and AS, are both positive, for spontaneous processes, 
so that 

ASi = AS, = 0. 
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In other words, no spontaneous change occurs when the material 
of the walls of the Hohlraum is changed, or the equilibrium quan- 
tity of radiation present in the Hohlraum is independent of the 
material of which the walls are composed. 

Again if we consider the Hohlraum to consist of a series of small 
cells, the spatial configuration of which may be changed, it may 
be shown by similar reasoning that the quantity of radiant energy- 
present is independent of the shape of the walls. The quantity 
of radiant energy present is evidently proportional to the volume, 
for if we bring two such enclosures into contact, no change in the 
quantity occurs as a result of change in shape and the total quan- 
tity of radiation in the combined Hohhaum will be the sum of 
the two quantities initially present in the separate enclosures. 

Let us now imagine a Hohlraum of volume in which a small 
isothermal expansion takes place. We may regard the system as 
analogous to that of a liquid in contact with its saturated vapour. 
The quantity of radiation present is proportional to the volume 
and expansion therefore involves the emission of a greater quantity 
of radiation by the walls of the enclosure. This will involve an 
absorption of heat from the surroundings. But if a system absorbs 
heat reveisibly at constant temperature, the entropy of the system 
must increase. Xow equation III (24) gives for any system 


('-'I ^ 
\sVJr 


(S) 


( 27 ) 


Bartoli (1876) pointed out that according to this equation, which 
is obtained on the basis of purely thermodynamical considerations, 
radiant energy must exert a pressure upon the walls of the con- 
taining vessel in which it is confined and that this pressure must 


increase with temperature, since, as we have seen 


(-) 


IS a 


positive quantity. 

It was shown by ^laxwell, on the basis of his electromagnetic 
theory of light, that this radiation pressure should have the value 


P = 



(28) 


where U is the total internal energy of the Hohlraum. This value 
has been confirmed by experiment. For a process occurring at 
constant temperature it is evident that 

V W/r 
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so tiiar equation (28) takes The form 



But bv equation III (31) we have for anv svstem 

(a- • 

Hence we obtain 



(29) 


(30) 

(31) 


or integrating at eoiistaiit volume 

hi P -- i hi T — Constant 

or P -- Const ant . . . . • (32) 


This important reiation is known as Stefan's law. since it was first 
obtained as an empirical reiatinn by him in 1879. The first deduc- 
tion from Thormodynaniic principles wa.s made ijy Boltzmann 
iAhu, Pli^siL, 1881: (2), 22, 291. 616j. The ratio of U is known 
as the energy density of the radiation and a comparison of equations 
l2Sj and (32) shows that 


r 


C’oiist. 


or the radiation density is proportional to the fourth power of the 
absolute temperature for equilibrium temperature radiation. Such 
equilibrium temperature radiation has exactly the same charac- 
teristics as ■’ black body radiation," i.e. nidiation from a perfectly 
emissive or absorbing surface. Hence the amount of radiation 
evolved from a perfectly *’ black " lx)dy is proportional to the 
fourth power of the absolute temperature. 

It will be observed that in the actual proof of the Stefan-Boltz- 
inann law we iiavc not confined ourselves to purely thermodtuia- 
iiiical reasoning. M'e have employed thermod^-namic principles 
coupled with ideas derived from the electromagnetic theory of 
light. Our conclusions are therefore limited by the applicability 
of this theory. 
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DILUTE SOLUTIONS 

Matter can exist in several different forms, but none of these 
is capable of being appKed to such a multitudinous variety of 
purposes as is the state of solution. It is scarcely surprising, 
therefore, that solutions should have been given a prominent place 
in scientific investigations. Moreover, the phenomenon of solu- 
tion has, from its very strangeness, always attracted attention. 
!Men have come to regard a solid as something hard and concrete, 
something, if not quite, at least bordering upon the real.'’ What 
more lasting and capable of endurance, for example, than a bar 
of steel ? Liquids, on the other hand, give the impression of 
instabihty, in fact, the expression '' unstable as water " has become 
proverbial. And yet, if we take, say a few crystals of common 
salt, and bring them into contact with water, they slowly dis- 
appear and we are left with a perfectly clear, homogeneous liquid 
which, on a superficial examination, is very similar to the water 
which we added originally. Even the bar of steel may be dis- 
solved “ if we employ a substance such as hydrochloric acid as the 
liquid. 

To the chemist the problem of interest is the actual state in 
which the solid which has disappeared is present in the solution, 
but a complete answer to this question is not yet forthcoming. 
Experiment shows that the dissolved substance is uniformly dis- 
tributed throughout the bulk of the liquid, and it is found that, 
in general, there is a certain limiting concentration, termed the 
saturation point, beyond which it is impossible to go. Various 
phenomena exhibited by solutions, such as osmotic pressure and 
the lowering of the vapour pressure, the elevation of the boiling- 
IK)mt and the depression of the freezing-point of a liquid when 
another substance is dissolved in it, were investigated experi- 
mentally and were found to bear a close relation one to the others. 
These properties are, in view of this relationship, usuallv kno\\ui 
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as the eoliigative properties of the solution and the student will 
already be familiar with them. 

The development of a theory of solutions really begins, however, 
vdth the work of van’t Hoff (Zeif. phys\ Chem., 1887, 1 , 181 : Ost- 
w^iid's Klamihr, No. 110 : J. H. van‘t Hoff, Sein Leihen iird 
Werken, Leipzig (191*2) : Ber.. 1894. 27, Ij, who pointed out that 
there is a marked analogy between the laws governing solutions 
and those of gases. The existence of this analogy led to the concep- 
tion of a kinetic basis for the treatment of solutions, and van't Hoff 
was thus enabled to predict some of the relationships between the 
various eoliigative properties. Actually van‘t Hoff himself merely 
indicated the kinetic origin of the osmotic pressure, but the kinetic 
theory has been exhaustively applied to solutions by later investiga- 
tor, among whom may be mentioned : L. Boltzmann, Zeii. phys. 
Chem,, IS^, 6, 474 : 1891, 7, 88 ; E. Riecke, ib., 1890, 6, 564 ; 
H. A. Lorentz. ib.. 1891, 7, 36 : L. Natanson, ib., 1899, 30, 681 ; 
M. Reinganum. BoItz/mnnfestscJmft, Leipzig, 1904 ; G. Jaeger, 
iref/£. Ber., (im) 1913, 22, 979 : P. Langetnn, J. Chim. Phys., 
1912. 10, 524. 

The relationship between the various eoliigative properties can, 
however, as van't Hoff showed, be obtained even more precisely 
by means of thermodynamical reasoning. It is only necessary to 
assume some one experimental fact as to the nature of solutions 
such, for instance, as the fact that the solute obeys the gas laws, 
in order to obtain an exact formulation of each of the other related 
properties. The experimental basis with which we propose to 
start is the well-known law of Henry. 

Henry’s Law. According to this law, the solubility of a gas 
in a solvent is proportional to the pressure of the gas in the gas 
phase above the solution and in equilibrium with it. It is, in fact, 
a special case of the Nernst Distribution Law. Expressed mathe- 
matically we may write p oc C, where p is the pressure of the gas 
in the gas phase and C is the concentration of the gas in the liquid 
phase. Bunsen {Ahh.. 1855, 93, IJ, Elanikow and Luganin {Ann. 
Chim. Phys., {4), 1867, 11,412), and others (see Ostwald, Lehrbmh, 
1867. I, 620), have subjected the law to a fairly rigorous experi- 
mental test and have established that, for moderate pressures, the 
law holds with only a slight variation at most. As with the Nernst 
Distribution Law, however, it will be ei-hdent that the law of 
Heim' is only valid for eases where the molecular .state of the gas 
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in tlie solution is the same as that in the gaseous phase. Thus 
the law is by no means true for such gases as hydrochloric acid 
gas or sulphur dioxide. More recently the law has been investigated 
as regards its applicabihty over a wider range of pressure. Thus 
Sander (Zeit. Chem., 1912, 78, 513) and Sackur and 

Stern (Zeii. EledrocJiem., 1912, 18, 641) have investigated the 
case of the solubility of carbon dioxide in various organic 
solvents. The distribution coefficient has been expressed in two 
ways : 

I. Eunsens Coefficient, k', denoting the quantity of gas mea- 
sured at the pressure of the experiment in cubic centimetres at 
U' C. which are absorbed by 1 gm. of the liquid. 

II. Ostwald's Coefficient, i, is the ratio of the concentrations of 
the gas in the solution and in the gaseous phase. 

In the latter definition the concentration is measured in grams 
of gas dissolved in a given volume of solution, not as in the former 
case in a given weight of solvent. The Ostwald de&iition is thus 
the one which seems the more natural, when we remember that we 
are dealing with a special case of the Distribution law. Actually, 
as the following results of Sackur and Stern (Zoo. cit.) show, the 
Ostwald definition gives the better constants over a wider range 
of pressure. (See Table on opposite page). 

The values of h given in these tables show but slight variation 
whereas the values of the Bunsen Coefficient k' are by no means 
constant. It should be noted that, at the low temperatures em- 
ployed, the soliibihty of carbon dioxide in the various solvents is 
very high, while the gas pressure is comparatively small. Thus 
for acetone the value of the concentration ratio is al^out 200 at 
— W C., and it is evident that, even when the concentration in 
the liquid phase is so high, the deviations from Henry’s law are 
very slight, and the gaseous phase, since the pressure is small, 
also obeys the gas law. Now we are about to show that if a solu- 
tion obeys Henry s law, it foUows as a thermodynamical conse- 
quence that the solution must obey the gas law. Hence it foUows 
that for such high concentrations of the solution the gas laws are 
still applicable. If, however, we are dealing with a gas at the 
same concentration, the experiments of Amagat and others have 
snowii that the gas laws break do'vm completely so that the law 
holds for much greater concentrations in solution than it does for 
the gaseous phase. 
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Absoeptiox Coefficient of CO^ in Various Solvents 
I. Temperature — 78' C. 


Solvent?. 

Methyl Alcohol. 


Acetone. 

Pressure of Gas ia 

k *. 


h'. 

h. 

Vlai. of Meix'iiry. 






194*0 

120*5 

311*0 

196-6 


195*0 

119*6 

322-0 

198-1 

•2m 

202-9 

120*1 

344*5 

201*5 

400 

221*5 

122*2 

400*0 

208*8 


— 

— 

487*0 

215-7 

700 

260*0 

126*8 

— 

— 


if. XemiX-Tature ~ 59' C. 


Solvents. 

Ethyl 

Alcuhol. 

Acetone. 

Methyl Acetate. 

Prt^ss. oi Gii< 
in mm. H;j. 


1. 

k'. 

k. 

k'. 

k. 

pH) 

40‘86 

27*3 

97*8 

67*2 

94*3 

75*8 

200 

41-00 

27*2 

101*2 

68*0 

98*45 

77*1 

400 

42*35 

27*65 

106-6 

69*2 

103*6 

77*6 

700 

44*15 

28*1 

1 18*8 

72-8 

112*9 

79*0 


Ill the ease of noii’VoIatile solutes so-called (i.e. solute having 
an extremely small vapour pressure) it is manifestly impossible, 
with our present methods, to verify Henry’s law directly, although 
we may assume that it still applies, since the gas laws are found, 
by experiment, to describe the behaviour of dilute solutions of 
such solutes with sufficient accuracy. For such solutes, the limits 
of concentration are much lower and we may regard the gas law 
as applicable only to solutions below O-lN. 

We may, however, regard Henry's law as having sufficient 
experimental justification, for the case of solutions of gases, to 
warrant our making it the starting-point for our thermodvmamical 
reasoning, and we propose to deduce from it the result that for 
such a solution, the solute obeys the gas law PV = RT, where P 
is the osmotic pressure, T is the volume occupied by 1 mole and 
R is the gas constant per mole. 



122 


DILUTE SOLUTIONS 


Deduction of the Gas Law PV = RT for a Solution Obeying 
Henry’s Law. 

We consider a cylinder (Fig. 16) containing a quantity of tie 
gas in equilibrium with, its saturated solution. The solution is 
separated from the gas by a semi-permeable membrane which 
-allows the passage of the gas, but not that of the solvent, either 
as liquid or vapour. This membrane is denoted by cd.. in the 
figure. The sides of the cylinder are assumed to be permeable 
only to the pure solvent, in which the cyhnder is immersed. Two 




Solvent 


Tig. 17. 


weighted pistons, ab and ef, are arranged so as to ensure equili- 
brium, the upper one, ab, being weighted so that it exerts a down- 
ward pressure equal to the pressure of the gas in the gas phase, 
the lower one, ef, exerting an upward pressure equal to the osmotic 
pressure of the solution. Let the pressure of the undissolved gas 
in the gas phase be p, its molecular volume be v, and let the osmotic- 
pressure of the solution be P, the volume occupied by 1 mole of 
solute be V where V ~ 1/C, 0 being the concentration in moles 
per litre. Then ab exerts a downward pressure p, while ef exerts 
an upward pr^sure P. We consider the following isothermal 
reversible cycle. 

{a) Transfer 1 mole of the gas from the solution to the gas phase 
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bv raisinir the upper piston reversibly through a volume v and 
simultaneously allowing the lower piston, ef, to rise reversibly 
tlirouali volume T'. The work done by the gas in causing piston, 
ah, to rise is pi\ while the work done by the surroundings upon 
the solution in causing piston, ef, to rise is PF. Hence the net 
work done by the gas-solution system in the process of transfer 
is ~ ~ pr — PF. The level of the liquid is of course con- 

stant. 

(6) The mole of gas is now isolated without the performance of 
any work by sliding across the cylinder a frictionless weightless 
shutter. The piston is then raised reversibly, the gas expanding 
to a practically infinite volume The work done by the system 


rx 



tern, this expression becomes 


-AJ, = BT hi V, 

ic) The cylinder containing the gas is placed over a volume F 
of the pure solvent in a vessel (Fig. 17) which is separated from 
the cylinder by a semi-permeable membrane, c'd\ which is similar 
to cd. Now since the pressure of the gas is infinitely small the 
tendency for the gas to be absorbed is also infinitely small. We 
may therefore allow the piston to descend reversibly so that the 
whole of the mole of gas is eventually absorbed by the liquid. 
Let the pressure at any instant in the gaseous phase be pi, the 
volume occupied Then at any moment we know, by Henry's 
law, that the concentration Ci in the solution is directly propor- 
tional to the pressure p,. Now when all the gas has dissolved the 
pressure in the gas phase will be p. so that if the pressure of the 
gas is p; it follows that a fraction p, p of the mole must have 
gone into solution. Hence there are 1 — Pi P moles of gas left 
in the gaseous phase, so that, applying the gas law, we obtain 

jSjt 1 = (1 - Pi p)RT = RT - 
But since RT p = it follows ttat 


RT 
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Now the work done by the system during the process of absorption 
is e-vidently given by 

Vo Vo 

- = f Pidvi = Rt { 

J J ® 

I'cK rcc 

= -RT 

V 

or neglecting v in comparison with we have 

— AAs = — RT In v^/v. 

We may now add this volume Y of solution to the original bulk, 
and since the concentrations are identical, no work will be done. 
The system is now in its initial state and the cycle is complete. 
iN’ow, as we have seen, the work done in an isothermal reversible 
cycle is zero, so that we have 

- = (- AA,) + (- AA,) + (~ AA,) = 0 

or pv — PF -f PP ^>>1 "" — 0. 

The last two terms evidently cancel so that we are left with 

pv - PV - 0. 

But, we have assumed that the gas law holds for the gaseous phase, 
so that pv = RT, Hence we have 

PF = RT, 

Thus we have shown that if we assume Henry's law', and the 
concentration of the gas in the gaseous phase is not too great to 
allow of the application of the gas law, then the gas law' must 

hold for the solution. It may be mentioned that this analogy 

between gas^ and solutions allows us to give a partial definition 
of an ideal solution as follows. It is evident that, since the gas 
law is obeyed, Joule's law must also be satisfied. Hence if we 
dilute such a solution the heat efiect will be zero. 

Having deduced the gas law for a solution, we now proceed to 
determine, by means of thermodynamics, the relation between the 
csmotic pre^ure and the other colligative properties of a solution. 

1. Lowering of the Vapour Pressure. We have already 
mentioned the fact that the pressure of the solvent vapour in 
eqnihbrium with a solution at any given temperature is less than 
the pr^ure of the vapour in equilibrium with the pure liquid 
solvent. To determine the relation between the osmotic pressure 
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of the solution and the lowering of the vapour pressure of the 
solvent due to the presence of the solute, we again employ an 
isothermal reversible cycle. 

Consider two vessels I and II (Fig. 18) of cylindrical shape and 
fitted with pistons ab, cd, ef. The piston, ef, is assumed to be 
permeable only to solvent, the other pistons are completely imper- 
meable, In vessel I we liave a quantity of solvent in equilibrium 
with its vapour at pressure po* In vessel II is solvent separated 
from a quantity of solution of concentration C and osmotic pres- 
sure P, by the semi-permeable membrane, ef. The temperature 



V'essel L Vessel H- 

¥ic.. is. 


in lioth ve;sst^is is the same. Now we know that for a completely 
isothermal reversible cycle, since the free energy is an extensive 
property of the system, the total change in free energy over the 
whole cycle must he zem. We therefore propose^, in this case, to 
follow the ehange in the free energy of the system instead of con- 
sidering the maximum work performed by tlie system during tlie 
process. The following is the cycle : 

(a) An infinitesimally small quantity dx moles of solvent are 
evaporated isothermally and reversibly by raising the piston ab in 
vessel I ; the pressure of this quantity of vapour is then changed 
isothermally and reversibly from to p and the vapour is con- 
densed at this pressure into the solution in vessel II. This is the 
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fa.milia,r three-stage distillation, process and we Lave seen that tie 
increase in the free energy accompanying it is given hy— 


JJ 



IH 


(b) Tke piston, ef, is then raised through a volume cW, where 
dV is the volume occupied by dx moles of solvent in the solution. 
The dx moles of solvent are thus squeezed out of the solution through 
the membrane into the pure solvent. The change in the free 
energy may be obtained by neglecting any change in the total 
volume of the system Solvent -f Solution, i.e. by assuming that 
the volume of the dx moles of solvent does not change on passing 
from the solution to the solvent. This is an approximation. Ve 
may then regard the matter from two points of view. Since no 
change in the volume occurs the increase in free energy of the 
system is equal to the maximum work performed upon the system, 
namely PdY. On the other hand, we may regard the change from 
the point of view of the hydrostatic pressure. In the solution the 
(partial) hydrostatic pressure due to the solvent is evidently less 
than that in the pure solvent by an amount equal to the osmotic 
pressure of the solution P. Let P' be the hydrostatic pressure in 
the pure solvait, then P' — P is the pressure in the solution, so 
that the free energy change is given by 

p' 

AP = j dYdP [dY is the volume transferred) 

p'-p 

and since the volume dY is constant this integral merely becomes 
PdY. 

The dx moles of solvent may now be added to the pure solvent 
in vessel I, without any further change in the free energy of the 
whole system. Hence the total increase in the free energy over 
the whole cycle is given by 

AP = APi + APa 

V 

= ^vdf + PdY, 

Po 

It will be evident that the error involved in regarding this as 
equal to the maximum work done over the whole process is negligi- 
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bie, and we could thus have considered AA instead of AF for the 
cvele. However, it is better to consider the free energy changes 
occurring, since the proof is then free from the hmitation already 
considered in denliiig vntli the tliree-stage distillation process. 

Now let us assume that the gas laws are valid for the solvent 
vapour. Then equating AF to zero, we obtain — 

ih'.RT In p p.„ — PdT — 0 .... (1) 


Let m be the molecular weight of the solvent in the vapour phase, 
dx 

then = p the density of the solvent as present in the 


dT 
solution. 


Hence equation (1) becomes 




Fm 

p'Rf 


m 


This relation, which is the accurate form of Eaoulth law, does not 
require that the gas laws shall be obeyed by the solution. The 
only assumption we have made is that the vapour obeys the gas 
laws. ActiiaHy. however, we may, for a dilute solution, make the 
finther as.sunipTioiis : (i) that the density p of the solvent in the 
solution is equal to the density, p, of the pure solvent itself ; and 
(ii) that the gas laws are obeyed by the solution. Haldng this 
last assumption we obtain, P = ETC, so that equation (2) be- 
comes — 

hii^ = 
p 

Now, we mav write 


( 3 ) 


P \ P J 

aad if the difierence between and p is small, it is e\ddent that 
— — ~ is still smaller. But we know that if we expand In (1 a;) 

,P_ 

when X is very small the expansion reduces simply to x itself. 
Hence In ( 1 — ?- — ) mav be equated to — — and finally 

\ p / ■ p 

since po is very nearly equal to p, we may substitute po for p in 
the denominator of the expression and obtain 


Po^ Po-P 
P Po 

Hence we obtain the approximate form of Eaoulfs law, with 
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wliicli tke student mil already be familiar, from kinetic considera- 
tions, namely 

Pc pHT p • • * * W 

IL Elevation of the Boiling-point. We now come to con- 
sider the experimental fact that the boiling-point of a solution is 
liigher than that of the pure solvent in the light of thermodynamical 
considerations. Consider two vessels I and II as in Fig. 19. Vessel 
I contains pure liquid solvent at its boiling-pomt T° K (K is the 



Vapour 


Pure 

Solvent 

^Shutter 

Solvent 

Temperature 

T^K 

Vessel I. 




l/apour 


Solution 
Osmotic Press^^ 

P 


\pc 

Solvent 


s 


Temperature 
(T^tTTTK 
Vessel H. 


Fk;. 19. 


absolute scale). The pressure is, of course, equal to that of the 
atmosphere, namely P'. Vessel II contains solution also at the 
Ikoiling-point which in tliis* case is {T 4- AT)"" K. Let the con- 
centration of the solution be C, and its osmotic pressure P. We 
propose to consider the following cyclic process, which is not, as 
ill the previous case, an isothermal one. 

(a) Allow ix grams (not moles) of solvent to evaporate from the 
solution in II, isothermally and reversibly. A quantity of heat, 
will be absorbed by the system where U is the latent heat 
of vapormtion per gram of the solvent at the temperature T -f AT. 
The only work done by the system is equal to P'dV where P' is 
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tlie pressure of the atmosphere and dY is the volume increase on 
vaporization. This, however, is compulsory work done upon the 
surroundings at constant pressure. Hence the free energ}’ change 
in the process is zero. 

ib) Cool the dx grams of vapour from the temj}eratiire T -f- AT 
to the temperature T reversibly, the pressure being maintained 
eonstaikt. If is the si^ifie beat per gram the heat given out 
is C^/lr\T. The change in free energy is easily obtained from the 

/dF\ 

table on page 98. Here we Mnd that f — ) = — S, where is 

\dT/ p 

the entropy of the system. If we let S he the entropy of one gram 
of the vapour, then the entropy of dx grams will be S.dx, Hence 
assuming that the entropy is constant over the range of tempera- 
ture AT, it follows that the increase in free energy as a result of 
the temperature change will be AT, = S.dx AT. It is evident 
that we may neglect the small amount of heat absorbed in com- 
parison with Ldx. since C ..nx.AT, is of the second order of small 
(piaiitities whereas iJdx is of the first order. 

(e) Condense the dx grams of vapour into the pure solvent in I. 
The hear given out will be Mx where L is the latent heat of the 
.solvent at temperature T. This is only slightly difierent from 
I/dx. The system contracts by an amount dV' whicli is almost 
equal to dV. and the maximum work done upon the system is 
but once again the free energy change is zero. 

(d) ^^parate the quantity dx of solvent from the main bulk b}' 
sliding a frictionless, weightless shutter across the cylinder. This 
process is I'iOt accompanied by any change in the free energy of 
the system. The liquid thus isolated is now raised to the Tem- 
perature T AT. Hear veill be absoriH'd uf amount C'^/lxAT. 
where C',^ the &peeinc heat of the liquid solvent per gram. The 
increase i!i free t^nergy as a result of tiie increase in temperature 
will be - S ^LiAT where S' is the entropy of the liquid solvent 
per gram. Denote this by AT., then 

AT. - - S\dx.\T. 

(e) The last stage in the process consists in adding the mass dx 
of solvent isothermally and revemibly at tlie temperature T -4- AT 
to the solution, by means of the piston, ah, which is permeable 
only to the solvent. The work done by the system is PdY and 
since this do^ not reprint an increase in volume of the system 

T.T. K 
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Solution + Solvent as a whole it is equal to the free energy decrease 
of the system. Hence the increase in free energy AJg is — MY. 
The cycle is now complete and the total increase in free energy is 
given by 

6(AE) = AEi -f AE2 + AE3 

= SAU^T - S'clx.M - MV ... (5) 

But it is evident that the first two terms are of the second order 
of small quantities and may therefore be neglected in comparison 
with FdV which is of the first order. Hence equation ( 0 ) becomes 


b{-lsJF)^PdY ( 6 ) 


The free energy decrease over the w^hole cycle has been re- 
presented by <3(— AJ), because the temperature range AT is a 
small quantity. 

Now we have for any’ cyclic process at constant pressure 


dT 




( 7 ) 


where is the heat absorbed at constant pressure at the higher 
temperaturej in this case T -f AT = T' say^. This equation is 
evident by comparison with equation II (9), or it may be deduced 

/dF\ 

directly from the fact, just mentioned, that = — S, from 


■which it follows that 


'd(- AJ’)\ 




which is the same as equation (7). Now the heat absorbed in the 
first stage of the cyclic process under consideration at the tem- 
perature T' is L'dx. Hence we have 


L'dx = T 


dT 


( 8 ) 


The temperature difference AT is usually’ small, however, and the 
error involved in replacing dT by AT in the above equation is 
consequently negfigible. Moreover d [ — AT) is put equal to MV, 
Hence 


Ud^ — 


r..PdV 

AT * 


The ratio dx.dY is, however, equal to the density p of the solvent. 
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We therefore obtain 


P = 


UpM 

r 


( 9 ) 


This is the accurate form of the expression for the elevation of 
the boiling-point. If now we assume that the solution obeys the 
gas laws we may replace P by RIC and obtam 

L’plT 


This is usually written in the form 

C - K.AT 


( 10 ) 


where K = Z p RT'-. Tables of K are compiled, for different 
solvents, and in these tallies it is usual to employ the boiling- 
point I of the pure solvent and the latent heat of vaporization L 
at this temperature. The error thus involved is small. 

The value of Z is 2 calories and since it is usual to work in terms 
of oTams of solvent, tables of the constant in the form 


l(H)L 


( 11 ) 


are usually given, the density of the liquid not l^eiiig included. 
The following table gives a series of values of E' for different sub- 
stances. the observed values being compared with those calculated 
from equation (11) (see Young. Siokhicrmeinj). 


Solvent . 

K Ciilfuiatf-d. 

K' Observed. 

Water . 

isd* 

lS-5 to 19 

Acetie . 


39-0 

Benzene 

31 M 

49-0 

Phenol . 

76i> 

74-0 

Fi^nnie acid 

284 

27-7 

Xitrff benzene 

76-2 

71 -U 


The elevation of the boiiiiig-point of a solvent when a substance 
is dissolved in it is the basis of the ebuliioscopic method for the 
determination of the molecular weight of substances in solution, 
which is more frequently employed in practice than the cryoscopic 
method as it has several advantages over the latter. For refer- 
ences to the recent work on the practical aspects of the subject 
see ^lenzies and Wright, J. Amer, CJimi, Soc\, 1921, 43, 2314. 
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III. Depression of the Freezing-point. Analogous to tie 
phenomenon just considered is the depression of the freezing-point 
of a solvent when some substance is dissolved in it. This con- 
stitutes the basis of the cryoscopic method of molecular weight 
determination. Its mathematical relation to the osmotic pressure 
of the solution may be determined by a similar cycle to that em- 
ployed in the case of the boiling-point. 

We have two cylinders, I and II, separated by a non-conducting 
substance AB, Vessel I (Fig. 20) contains the pure liquid solvent 
in equilibrium with the pure solid solvent at the freezing-point 



Fig. 20. 


K. Vessel II contains a solution of some substance in the 
solvent, the concentration being C and the osmotic pressure P. 
This is in equilibrium with the pure solid solvent at the free 2 dng- 
point of the solution T' K. Suppose the difference between the 
freezing-points, To— T — AT. The following is the cycle : 

(a) Suppose a small quantit 3 ^ dx grams of solid solvent in vessel I 
is melted. The heat absorbed is Ldx where L is the latent heat 
of fusion per gram of the solvent at the temperature Tq. The 
work done will be P'dv where P' is the pressure of the atmosphere 
and iv is the increase in volume (in the case of water dv is negative). 
This is the only work done, however, and since this is the com- 
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pulsorv work of expansion or contraction it follows that the change 
in the free energy of the system is zero. 

(b) This quantity cix of liquid solvent is now separated from 
the bulk of the liquid in vessel I by means of a frictionless, weight- 
less shutter, no free energy change being involved. Suppose the 
volume occupied by this mass of liquid at temperature I’d is dY. 

now cool the liquid at constant pressure to the temperature 
T, assuming that it does not freeze e7i route. The heat evolved is 
Cp.dx.lT, where U,, is the specific heat per gram of the liquid at 
constant pressure. Since \T is small it follows that the heat 
evolved is of the second order of small quantities and may there- 
fon^ be neglected in comparison with Ldx. The change in free 
energy in eooliosr through AT is given by 

di — AF)j ™ ~ S,, fir. AT 

where Sj is the entropy of 1 gram of liquid solvent. 

(c) Tlie small mass of liquid is now added reversibly to the 
solution ill II at tlie temperature J, by means of the seini-per- 
meable piston ab. The decrease in free energy or the available 
work done by the system is — PdV. where P is the osmotic pres- 
sure of the solution. This expression neglects any change in 
volume of the system as a whole. We thus have 

d(- AF). - PdV. 

(d) Freeze out a mass of solvent equal to dx from the solution 
in II. The heat evolved is L'dx where L' is the hitent heat of 
vaporization per gram of solvent at temperature K, and the 
work done ujK)n the system is P'dF, where dF is the new volume 
change, but, once again, the change in the free energy is zero. 
The mass dx of solid is now isolated from the bulk of solid solvent 
in vessel II, no work being done and no change in the free energy 
occurring. 

(e) Warm this mass of solid to the temperature T^. The heat 
absorbed by the system is C'^.dx.AT, where is the specific 
heat per gram of the solid solvent at constant pressure. This 
again is negligible in comparison wuth Ldx. The change in the 
free energy accompanying this fall in temperature is given by 

d{~AFU = S..dx.AT 

where 6^ is the entropy of 1 gram of the solid solvent. The total 
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change in the free energy of the system over the whole cycle is 

d { — A-F) = d { — A-F)! -{- d { — AF)2 -}- d { — AF')3 

= - S,.dxAT + PdV + S^.dxd.T 

The first and last terms may be neglected in comparison with 
PdV and we are therefore left with 


di- AF) = Pd7. 

Now we know that 

AT 

d(-AF) = g^^ 

where qj, is the heat absorbed at the temperature T i.e. we have 


d'lJO 

and since ^ = p, 
dV 

substituting 


AT 

PdV - Ldx.p- 
0 

the density of the liquid solvent, we obtain on 


p_ w 
T ■ 


(12) 


This equation does not involve any assumption as to the nature 
of the solution itself. If now we assume that the solute obeys the 
gas laws, we may write P = PTC and obtain — 


n_LpAT 

PTo^ 


(13) 


This equation is the precise form of the Raoult expression con- 
necting the concentration of a solution with the depression of the 
freezing-point of the solvent. As we should expect, it is of the 
same form as the expression for the elevation of the boiling-point. 

lY. Depression of the Solubility, Another interesting colh- 
gative property is the depression of the solubility of one liquid in 
another as a result of the presence of a solute in one of the liquids. 
Suppose we take the case of two partially miscible liquids, such 
as water and ether. Then if the pure liquids be mixed the solu- 
bility of the ether in winter will be a certain delSnite quantity say 
*5®. If, now, some solute is added to the ether, its vapour pressure 
wiE he decre^ed and consequently, by Henry’s law, the concen- 
tration of the ether in the water, i.e. the solubility, will be decreased 
in the same ratio. Hence if s is the new’ solubility and po, p, are 
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tlie vapour pressures of pure ether and of ether containing the 
solute respecTively, we have, by equation (2) 


ILu 

P 


Pat 

pRT 


• (W) 


If, now, we assume the gas laws for the solution we obtain — 




*0 


Cm 


(15) 


Again, since the difference between s and Sq is usually small, we 
may write this equation in the approximate form — 

^0 Ctti (16) 

’^0 P 

It is evident that this phenomenon could also be employed to 
determine the molecular weight of substances in solution, but the 
practical application is neither so simple, nor so accurate as the 
lx)iling-poiiit method, or the recent vapour pressure method of 
Menzies. 

We have now determined, on the basis of thermodjmamics, the 
relations which exist between the various colligative properties of 
a solution. Experiment has in many cases been found to yield 
results in excellent agreement with the theory. A large class of 
substances, termed electrolyses on account of their power of carry- 
ing an electric current, were found, however, to behave in an 
anomalous manner. This behatuour remained unexplained until 
Arrhenius brought forward his famous theory of electrolytic dis- 
sociation into positive and negative ions. The student will already 
be familiar with this theory^ in its original, simple form, but we 
shall have occasion, later, to discuss some of the more recent 
developments of the theory and their relation to thermodyTiamics. 

Thermodynamics is, however, capable of teaching us several 
other very important and useful facts about solutions, which do 
not require the introduction of the ionic theory. Thus, for ex- 
ample, let us attempt to determine the effect of temperatnre upon 
the solubility of a substance in a given solvent. 

We consider two cylinders I and II containing a quantity of 
solution in equilibrium with the pure solute and surrounded by 
the pure solvent from which the solution is separated by a semi- 
permeable membrane (see Fig. 21). Vessel I is at temperature 
T' Absolute, vessel II at temperature T — dT. The two vessels 
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are separated by a screen wbicb is impermeable to heat. We 
imagine the following cycle : 

(a) By moving the piston in vessel I a volume V of solvent is 
drawn into the solution reversibly, where V is the volume occupied 
by 1 mole of solute in vessel I. As the solvent enters the cylinder, 
in order to maintain equilibrium, a quantity of solute dissolves. 
Eventually, when the whole volume V has been absorbed 1 mole 
of solute has been dissolved. The heat absorbed may be repre- 
sented by ([. The whole process is accomplished isothermally, at 
temperature T. The free energ}^ change is equal to the osmotic 
work done by the system, namely FV where P is the osmotic 



Temperature ^ TemperatureCT'CJ’TK. 


Vessel I- Vessel H, 

Eig- 21. 

pressure of the solution. The concentration of the solution is, of 
course, the solubility at temperature P, and is equal to 1/F, i.e. 
B == 1/T. 

(6) Isolate the volume of solution thus formed by means of a 
frictionl^s, weightless shutter, thereby eliminating any change m 
the free energy. Dilute the isolated portion to the volume V dY 
which is the volume occupied by 1 mole of the solute at the lower 
temperature T — dT^. This requires osmotic work PdV and this is 
again the decrease in the free energy of the system. Simultaneously 
fc) Cool this isolated portion to the lower temperature T — dT. 
The heat evolved is x mass x dT, where C,, is the average 
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jiear capacity of the solution per gram. This is a quantity of the 
first order of small quantities, since it contains the differential dT 
and is therefore negligible in comparison with q, which is of zero 
order. The free energy change in this cooling is also negligible. 
This may be seen on comparison ^ith the cycles employed for the 
freezing-point and boiling-point. SupiK»se the osmotic pressure is 
now P ~ dP. 

id) The isolated jxirtioii may now Ijc added, witlioiit any free 
energ}" change, to the bulk of the solution in vessel 11. Now expel 
this volume V -- dV of solvent via the semi-permeable mem- 
brane : the osmotic work required and therefore the iucrease in 
free energy is 

(P - dp)(V (in - pr r Pdv vdP - dp.dv. 

As a consequence of this expulsion a quantity of solute exact!}' 
equal to 1 mole will lx* precipitated and the heat q' will be evolved. 

(e) Separate this quantity of solvent and solute without causing 
any change in the free energy of the system and then warm each 
to the initial temperature I. The heat absorbed may be neglected, 
as also the change in the free energ}’ of the system. These may 
now be added to the bulk of solute and solvent in /, Avithout any 
further free energy change and the cycle is notv complete. 

The total decrease in the free energy is thus 

di~- IF) - PV - PdV - (PV PdV - VdP - dVJP) 

- VdP dV.dP. 


The second term may, however, lx* neglected in comparison with 
the rirst so that wt* have 


Now we know that 


IF) - VdP. 


di~ IF) - 



so that Ave obtain — 

rdP = ( 17 ) 


This equation is perfectly general, since the gas laws are not 
assumed. It therefore applies to any solution, whether con- 
centrated or dilute. V may be replaced by 1 s where s is the 
solabilitA' so that 


dP_q-^ 
dT ~ T 
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Let us now assume that tLe solution is a dilute one, tliat is to 
say tLe solute is only sparingly soluble, so that tbe gas law may 

be applied. Tben P = ETC = RTs, Hence ^ = Es RT 

Now tbe term q', wbicb is the heat absorbed in the first stage in 
the cycle, is really the sum of two terms. It comprises the heat 
absorbed when 1 mole of solute is dissolved together with the heat 
absorbed to provide the osmotic vrork of expansion through volume 
V, Hence if we put q equal to the heat of solution per mole, then 

2 -I- P7 

or if we have assumed the gas law-s q' = q + RT. 

Hence equation (17) becomes 

Rsi-RT^=iq + ET)^. 

This equation reduces to 

q = RT^^ (18) 

which is evidently of a similar form to the van't Hoff Isochore. 
It should be noted that although we have regarded the solubihty 
s as measured in moles per unit volume, this is by no means neces- 
sary for the validity of equation (18). This will be made evident 
by the following reasoning : Suppose we measure the solubility in 
grams per unit volume of solvent, then if the value obtained is s' 
and m is the molecular weight of the solute in solution, we have 

s = s' , m 

so that 

hi s = hi s' -r In m. 

But m is a constant so that In m is a constant for any given solute. 
Hence on differentiating we obtain 

din s — din s' 

so that equation (18) still holds if s' be substituted for 5. 

An interesting application of equation (18), in the form in which 
it is given above, is the calculation of the molecular weight of a 
substance in solution from measurements of the solubility and 
the heat of solution. We require the solubihty of the substance 
at two temperatures not too far apart, and also the heat of solution 
per gmm over the range of temperature considered, which may 
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be taken as a constant and equal to the value at the average of 
these two temperatures. The solubilities may be measured in 
grams per ilMJ grams of solvent. 

The following data are given by van't Hofi — 

pH) grams of water dissolve 2*88 sxams of succinic acid at 0° C. 
m .. .. L22 ^ ,, ,, ,, ,, 8-5° C. 


The average temperature is 4*25^ C. and the heat of solution at 
this temperature is 55 cals. We apply the equation in the form — 


q = RTK 


1 ds 

JdT 


and we replace the differentials by the differences As and Af 
between the solubilities and the temperatures respectively. 


As - 4-22 - 2-88 = 1-34 
AT = 8-5. 


The value of employed will be the average value namely 
s - 4(2-88 - 4-22) = 3-55. 

I i.-- the average temperature in degrees absolute, namely 273 4- 4*25 

or 277-25' K. Hence w'e obtain on substituting these values — 

2 V (277-25)2 X 1-34 ^ , . 

(/= = 6.b30 calories. 

8-0 X 3-00 


The heat of solution per gram is 55 calories so that the value of 
the molecular weight in solution must be 6830/55 or 124. The 
calculated molecular weight from the formula is 118. 

Equation liH) may he integrated in a similar manner to that 
adopted in integrating the isochore. The simplest method is to 
regard the heat of soliirioii q as independent of the temperature 
over the range of remperatiu*e considered. Making this assump- 
tion we obtain — 


X 

RT 


Constant, 


or It we consider the integration between the temperature limits 
Ti and T 2 . at which the solubilities are Si and So, we obtain — 



If, however, the assumption that q is constant over the tem- 
perature range under consideration is not justified we proceed as 
follows : 
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Let Cl, Ca, c represent tie specific Keats of tKe solute, solvent 
and solution respectively and assume tKat, for tKe temperature 
range under consideration, tKese magnitudes are constant. If ^ 
is tKe Keat absorKed wKen 1 gram of solute passes into tKe solution 
and s is tKe solubility in grams per 100 grams of solvent, tKen bv 
KircKKofi’s law — 




s) — - (100c.j SC]) 


= (c — Cl) d- JOO 


(c - c„) 


(19) 

(19a) 


Now experiment Kas sKown that tKe difference of tKe specific Keats 
of tKe solution and tKe pure solvent is proportional to tKe con- 
centration, in tire case of aqueous solutions. Hence we mav write 


c = c. -f Aw (20) 

wKere A is a constant. Substituting this in equation (19o) we 
obtain 


(IT ^ 


Cl) -f 100 


(Co + JiS — Co) 


— (c Cl) -f- lOOA.- (21) 

Xow the right-liand side of this equation is a constant, independent 
of the temperature, hence we may integrate the expression and 
obtain the relation 


= (/o + (c — Ci)T + lOOA-T .... (22) 
Hence the heat of solution per mole, ([ — . where ‘in- is the 

molecular weight of the solute in solution, so that 

^ 0 ~T ni’ip (^j)T -f- IlOOttiJoT 

= 9.0 -r y-T (-'3) 

X being a constant characteristic of the substance. 

Aire may now substitute this value of q in the equation (18) 
obtaining 


^ s ^0 ~r (^-T 

RT^ 


Let us integrate this expression to obtain In $, We obtain — 


h s — — ^ 4 - ^ In T + Constant . . . (25) 

or transforming to ordinary logs, putting the integration constant 
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equal to A and representintr 2-3026- by —B, 2-3026 - by (7 we 

i? ' R 

have- 

loL' .r = .4 - I _ r loir T . (26) 

Partington and Hardiiian liave investigated this t* 4 iiation for the 
case of aqueous solutions of cane sugar and obtained the following 
results (Partington. Thtri!*rjhjyiamic'<, I9I3, SOT). 

- 32*235 : 5 = - 1283*65 ; C = -r 12*2267. 


T^K. 

s observed. 

^ i*ak'u!at«*tL 

^sule. ~ ttohs. 

Utl 

179*2 

179-2 


2S3 

190*5 

189*8 

-0*7 

293 

203*9 

203*2 

-0*7 

3C»3 

219*5 

219*5 

— 

313 

23S*i 

238*9 

1*7 

323 

260*4 

262*0 

-r 1*6 

333 

2ST-3 

2SS-4 

-- M 

:543 

320*5 

320*5 

— 


It is evident that equation (26) is applicable up to liigli eoneentm- 
tions beyond those for which equation (18) is strictly applicable. 

Law* of Mass Action applied to Solutions. Suppose, now, 
we have the following reaction occurring in a solution — 

it lA — it 2^ it sC — ....... = JijA' 4“ 71 2 B' ..... 

Consider two equilibrium boxes containing these reacting sub* 
stances in solution at different partial concentrations and assume 
that the equilibrium point has been attained in both boxes. 

II now. we transfer iu moles of A from box I to box II, the 
free energy change, provided no change in concentration occurs in 
either 1>ox. i< siven hv 

Pa 

- AF , -= I VdP 

J^A 

where F ^ and F ^ are the partial osmotic pressures exerted by A 
in boxes I and II respectively. If we assume that the solution 
is dilute so that we may apply the gas laws we obtain^ — 
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Let ns assume that only an infinitesimally small fraction lias 
actually been transferred and that we have simultaneously and 
in the stoichiometric proportion transferred quantities of B, C, 
etc., from box I to box II. Here they react immediately to give 
A', B', C\ etc., in the proportions represented by the equation. 
The free energy change accompanying the reaction is zero since 
the system is in a state of equilibrium. The resultants are then 
transferred back to box I, where they again react without any 
change in the free energy occmring, and the system is now in its 
initial condition. In this manner the concentrations in the boxes 
are maintained constant and we proceed until moles of A, 
moles of B, moles of C, etc., have passed from I to II, when 
moles of A\ moles of moles of C\ etc., will have 

passed in the reverse direction. The total change in the free 
energy is given by 

ln^--nMT . . . -n^'RT In^- ... 

Pa P b P A' 

and since the cycle is now complete, and it has been carried out 
isothermally and reversibly, it follows that the free energy change 
is zero. Equating the above expression to zero we obtain 



Zn In P - 

- hi P' j = 0 


X Ps"-- X Po"’ . 

. . _ P'j”x X X 

P.r‘' 

X P^«=' X Pc-”-' - 

. . X P X 


= Constant = 

Thus the law of mass action has been proved for the case of a 
solution. 

It is evident that, since we have assumed the gas law for the 
solution, we may replace P by RTC in the above expression and 
obtain the law of mass action in terms of concentrations. 

Itet us now suppose we have a system consisting of an equih- 
brium box and a series of reservoirs. In the box the following 
reaction, which is occurring in solution in some solvent, is assumed 
to have arrived at the equilibrium point — 

+ nfi -f HsC -f . . . . = + n/O' + . . . . 

Inthereservomwe have solutions of A, B, 0, . A', B\ etc., in the 

^ven solvent at certain arbitrary concentrations. The system is 
similar to the one considered in Chapter VI, except that the solvent 
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is present. The solvent is also assumed to surround the cylinders 
and eqiiilihriiim box completely, and this constitutes the whole 


svstem. 


We propose to carry out an exactly similar process to that con- 
>iilered in deducing the van*t Hoff Isotherm for the case of a gaseous 
reaction. In order to calculate the free energy change accompany- 
ing the process it is necessary to consider the transfer of the various 
luoleeular species from the reservoirs to the equilibrium box, or 
in the reverse direction. Let us focus our attention upon the 
transfer of // , moles of A from the reservoir to the box. The con- 
centration of A in the box is maintained constant, by the device, 
already explained, of allotting the whole process to occur simul- 
taneously in infinitesimal steps. The free energy change accom- 
panying the actual transfer of A is, if the concentration of A in 

Pa 


the reservoir is constant, 


o'as law for the solution 


-AF== j rdP, 

PeA 


or if we assume the 


AJ = iuRT In ^ 

where is the osmotic pressure in the reservoh and P^,^ is the 
partial osmotic pressure of A in the equilibrium box. 

This, however, is not the only change which occurs in the free 
energy of the system as a result of the transfer of A, for it is neces- 
sary that tne concentration of A in the reservoir be maintained 
constant. This is done by the device of simultaneously squeezing 
out of the reservoir, through a semi-permeable membrane, an 
amount of solvent equivalent to the quantity of A which has been 
transferred. The expelled solvent, of course, is still part of our 
and we must regard the work done upon the system in 
expelling it as equal to the free energy increase of the system due 
TO the process. The solvent passes from the solution where its 
hydrostatic pressure is P' - P^ to the pure solvent where its 
h} drObtatic pressure is P and the change in free energy is given by 

p' 

f VdP. 

P' ~ Pa 

Actual!}’ we may, with but slight error, regard the volume of the 
expelled solvent as the same as that which it occupied in the solu- 
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tion. This is wliat we liave done in all previous calculations. 
Tlie volume will be n-iV^ where is the volume occupied by 
1 mole in the solution, since we have transferred moles. The 
free energy change thus becomes 

which is equal to the osmotic work done upon the system in the 
change. Now if we assume the gas laws for the solution we have 
=== RT, and we may therefore write the total decrease in 
free energy accompanying the transfer 

- = nJRT In ^ - Jh.F^.P j 

= jhPT In ^ - n^.RT. 

^eA 

This is similar to the expression obtained in the case of a perfect 
gas except for the last term. In order to obtain the total decrease 
in free energy over the whole reaction we must add these terms 
for all the molecules. Remembering that is expressed thus 

j. _ X X X . . . 

U4^x X 6^= X X . . . 

and expressing the arbitrary concentrations in a similar expression 
denoted by RTZn hi C, as we did in the case of a gaseous reaction, 
we obtain the important relation 

-^AF^RThK,---RIT.nlnC + I.n.R^ . . (27) 

Now we have assumed that the volume of the whole system is 
constant. Actually, as we have already mentioned, this is only 
approximately true, but we shall continue to make the assumption 
for the moment, and proceed to differentiate the expression with 
respect to temperature. Since the volume is constant, we may 
write AP = A4. We therefore obtain — 

= R In K, + - RZn hi C + ZnR 

dl dl di 

But by equation (27) we know that 

R In K, ~ REn hi C + Ri:n = ^ 

d(-AA) _ ~AA , InK^ 
dT T ' ^ dT 


so that we have 
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m 


and since by equation V (17) 


j jlj- AJ) 


dl 


= XC “ A^4 ~ — A^4 


it follows that 


dlnK, 

il 


gr 

i?r- 


(28) 


In otlier words,, we have shown that although the free energy 
change in the case of a reaction in solution differs from that in 
a gas, yet the van't Hoff Isoehore still applies. This is an ex- 
tremely important result. 

As a matter of fact, the solubility $ of any solute is in the form 
of an equilibrium constant since it expresses the ratio of the con- 
centrations of solute to solvent in the solution. We may there- 
fore substitute s for AV in equation (*28) and obtain 

d ht .< __ q 

Iff" ^ RT- 

•which is equation (18) already deduced by means of a cycle. 

We have hitherto made an assumption which is very nearly true, 
especially for the case of dilute solutions, that the volume occupied 
by the solvent in the solution is the same as the volume occupied 
in the pure solvent ; in other words, that the addition of a solute 
to the solvent is nor accompanied by any change in the volume 
of the solvent. We will now. however, attempt to allow for the 
slight volume change wliich does actually occur in practice. It 
is evident that it will only affect the last term of the expression 
for the free energy chaiiije of transfer. Thus in the case of transfer 

p- 


moles of A rli?* la'^r rerrn is strictly 


YdF. Now we 


kiiow tiiai 


have 


— vT tlie eoetticieiit of coinpressibilitv p', so that 
] (iP 


YdF - 


dV 


and the free energy change accompanying the transfer of A from 
the reservoir to the box thus becomes 


AF = nJlThi^X 


e J 


J /?' 


I.T. 
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Now we may regard tie coefficient of compressibility of a liq^uid 
as constant over the small range of pressure considered, so that 

the last term reduces to — ^ where A7^ is the increase in volume 

P 

over the transfer of h-i moles of A. 

We thus have for the free energy change accompanying the 
whole process, for all the reacting substances 

A7 

= RTlnKj,-i:RTn,lnP + ~ . . (29) 

where A7 is the total increase in volume over the process. 

The last term is the ratio of two small quantities A7 and ^ and 
is consequently by no means negligible. It will be evident that 
we might equally well have written the equation in the form 

-^F = RTlnK,~RTI:nlnC + ^ . . (30) 

but since are dealing with a volume cbange, while the pres- 
sure of the system is constant the former equation will be found 
to be of greater utility. 

Since the reaction is accompanied by a change in the total volume 
of the system, it is evident that a change in the total pressure of 
the system will affect the equilibrium concentrations and there- 
fore the equilibrium constant of the reaction. This is in marked 
contrast to the case of a gaseous reaction where and are 
both entirely independent of the total pressure. 

To determine the relation between the equilibrium constant and 
the pressure of the system we may consider the following isothermal 
cycle : 

(а) Carry out the reaction in the manner described above under 
the total hydrostatic pressure P'. The free energy change is 
given by 

- AF==RT In K„-RTZn In P + ^- 

P 

(б) The pressure of the system is now increased to P' + dF 
and the accompanying change in the tree energy is given by 

AP - (7 + AV)dP 

where T is the total volume of the whole system at the beginning 
of the cycle. 

(e) Carry out the reaction at this pressure in the reverse direc- 
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tion and assume that the volume change is AT" — ^^{AT^), this time 
being a decrease in volume. The change in the free energy accom- 
panying the process is given by 

- IF - FI JmK^, - <lKj ~RTI,> //- P - -;(AT' ~ ). 

Uf) The iuial stage in the cycle cuiisisTs in changing the pressure 
back to the original value, namely Pt This is accompanied by a 
decrease in the free energy of amount 

- AP - (T’' - d(AY)}dP, 

It is evident that vre majc neglect f7(AT") in comparison t\dth V, 
so that this expression becomes 

- AP - VdP. 

The cycle is now complete anbi the total change in the free energy 
must be zero, .since we have assumed that the process is carried 
OUT i.sothern:aUy and reversibly. Hence it follows that 

- Af = i?r K - RTI,>h:P~ -I - (T' - AT’)rfP 

P 

~RT l,<[K.~dKj;^-RI A « In P-]x^r-d{lT} )-VdP=0. 

P 

Now cff AT^) may be neglected in comparison with ATh so that the 
third and seventh terms cancel and we are left with 

PT -r dK,;) - RT In - - ^TJP . ( 31 ) 

But 

- dE^) - hi Ep = In (Ap - «?Ap)/Ap 

and we know that the expansion of tn (1 - 7 - x) when x is very small 
becomes equal to x itself, so that 

=^' = dhiE^ 

\ K/ K 

SO that equation ( 31 ) becomes — 

d In Ph, ^ 

^ RT 

where AT' is the total increase in volume accompanying the reac- 
tion. 

It should thus be possible, by measuring the value of at two 
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tiitttrcEt preiiiirc-i to dowrinixie the contraction in volume which 
ihou’d occur as a result of ionization. The expression has been 
invesriuateil by Fanjung. for the case of the constant E^. It is 
• vi.len: that int any given temperature d In E^/clP — d In Kp/dP. 

Tii»- rwKtion considered was that of the ionization of certain 
acid' and he o’btained the actual contraction from measurements 
of the volume changes accompanying the neutralization of the 
adds bv a strong base. The calculated contractions were obtained 
as follows ; 

F<.»r acetic acid at IS" C. Fanjung found that 

log A', — 5-2 .j 4 at 1 atmosphere pressure, 
log A'l = 5-30.J 260 

\Vi may employ the above equation in its differential form and 
obtain 

1) In K .. ,5-305 — 5-254 — AU 

— 

tip (260 - 1) BT 

K mu.'t be measured in litre-atmospheres, the value being 0-0821 
and the contraction will then Ire expressed in litres. Substituting 
R — 0-U821 and I = 291 in the above expression we obtain for 
the- contraction 

- AT' - 0-0108. 

Tis- following table gives the results obtained for some acids 
;2#-d. pf-vs. Chfii>.. 1894-. 14, 673). 


% - 

Coritractioa 

Contraction 


obsen'ed. 

S'.t*. 

calculated. 

e.e. 

Fomiv . , . . 

< '4 

S-7 

Aeetie ..... 

lU'5 

10*8 

Prupiosir .... 

. . U-'2 

12-4 

Biitjrie .... 

. . 13-1 

13-4 

I^biiivrir 

13-S 

13-3 

Laetie ..... 

11-8 

12*1 

Smemir . . . . 

. . Ii*8 

11*2 

M&lde ..... 

11-4 

10-3 
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KLK(;TR( t(;HE.MI,<THV UK DILUTE SOLUTIONS 

Our discussion of rae problem of equilibrimn lias shoTva us that, 
wten any process occurs in a system, it does so in of its 

power to yield a definite quantity of available work, that is to 
say, the process is accompanied by a decrease in the free energy 
of the system. Now there are several method-s of harnessing this 
free energy change and obtaming useful external work from the 
system, but the simplest of the'C. and the one which most readily 
affords a metr.otl of measuring the free euerg}- change, consists in 
the construction (A a galvanic cell, where the process occurs with 
prcduction of electrical work. 

These galvanic cells are of various types. In the simple cell, 
prepared by Volta, we have an electrode of zinc and one of copper 
immersed in a dilute solution of sulphuric acid— 

Zn i HSOt I Cu. 

The zinc, which is the negative electrode, goes into solution and 
hydrogen is liberated at the positive electrode, copper. The 
reaction which is represented by the cell is thus 
Zii — H^Oi = ZnSOi A' Hi. 

Another familiar cell is that known as the Daniell cell, which con- 
sists of solutions of copper sulphate and zinc sulphate in contact, 
the electrodes Ix-ing of copper and zinc 

Zn ZnSO. CnSO, C». 

The reaction which takes place in the cell i.'^ 

Zn - CuSOi = Zt'.SOi - C'L 

The process wliich gives rise to the electric current need not. 
however, be a chemical one. Tims, for example, the following 
type of cell is familiar and will be found to be of great utility from 
a theoretical point of view. Two electrodes of silver dip respec- 
tively into two solutions of silver nitrate of different concentra- 
tions. e.g. 

Aq AQSOiSAii. AgXO.X m A<i. 
i49 
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In rliU t'eli the process is one of equalization of the concentrations 
of the solutions, a process which is ordinarily brought about by 
simple process of diffusion, but is here effected by the silver 
off the electrode in the weaker solution, the negative 
and a corresponding amount being deposited on the positive 
|M:4e ill the stronger solution, while the excess NO^ ions in the 
'iroiitier solution migrate to the weaker solution, so that the current 
inside me tell flows in the reverse direction, namely from the 
weak TO the strong solution. 

Reversible Cells. Yolta s cell is of little use in the thermo- 
avnaniic consideration of galvanic cells, since the cell reaction will 
continue to proc'eed when the electrodes are disconnected so that 
no current is passing through the cell. It is evident, however, 
that this must be avoided. The ideal cell for our purpose is one 
in which the reaction can only proceed when the poles are connected 
so that the maximum amount of electrical work is obtained from 
the process. If the process continues when no current is flowing 
through the cell, no electrical work is done. An ideal cell is usually 
known as a reversible cell and is characterized by the fact that 
if unit quantity of electricity passes through the cell first in one 
dirt^etion and then in the opposite direction the final state is 
identical with the initial state. The Daniell cell and the concen- 
tration cell already mentioned are reversible. 

Now the chief advantage of the reversible cell lies in the fact 
that it provides a means of measuring the change in the free energy 
of the system which accompanies the reaction. When the elec- 
trodes are disconnected, no current flows through the cell so that 
the system is in equilibrium. There is, however, a certain differ- 
ence of pK>tential between the electrodes and this is equal to the 
electromotive force of the cell when the external resistance is 
infinitely great, that is when no current is being taken from the 
cell. In order to measure the value of this B.M.F. the method 
employed in practice is to oppose it by another electromotive force 
of exactly equal magnitude {or only differing from it by an in- 
tinitesiiEal amount), so that the system is in equilibrium. This is 
ideally tne state of affaim which we postulated for the existence 
of a reveisible prcK^ess, and hence any process which we imagine 
to <^€iir m the cell under these conditions will be, to all intents 
and piirp>s^, strictly revemible and the free energy change accom- 
panying tne will be equal to the electrical work done by 
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the i.e, to the product of the electromotive force and the 

algebraie sum of the quantity of electricity transferred. Thus if 
Q coulombs of electricity are transferred in the process 

fr^un the negative to the positive electrode then the work done 
upon the system or the increase in the free energy of the system 
is uiven bv 

IF ^QxE 

where E is the E.M.F. of the cell. 

The experimental method of determining the maximum value 
of the electromotive force of a cell is that known as tlie Poggendorf 
Compensation Method, and depends upon the principle mentioned 
above. The apparatus is represented in the diagram (Fig. 22). 
A is a source of electricity such as an accumulator, which should 



uive a practically constant E.3I.F. It is comiected to the two 
ends of the uniform wire CD. so that there will be a constant 
potential uradient througliouT its length. B is the cell, the E.M.F. 
of which it is desired to measure, and it is connected so that the 
currents from A and B are opposed. G is a galvanometer, usually 
of the movinu-eoil type having a high resistance and being used with 
a shunt until the balance point is nearly obtained. The sliding 
contact Ji is moved about until a position is found such that no 
current passes through the galvanometer. 'When this is so the 
E.M.F. of the cell B must Ije equal to the fall of potential along 
the wire CJi. Since no current passes through the cell it is the 
maximum E.M.F. which is thus obtained. Now we require to 
find the potential fail along a unit length of the wire CD and hence 
the potential fall along CM. It is not sufficiently accurate to 
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refard this as simply tlie E.iLF. of tLe cell A divided by the length 
CR and it is usual to calibrate the wire by substituting a standard 
eelL the E3LF. of -which is accurately known, in the place of B. 
Then if 31' is the new position of the sliding contact and R is the 
electromorive force of the standard cell. 


C3I 

C3I' 


,E\ 


This apiiiiratiis is capable of an accuracy of only about one luilli- 

volt. 

For mjTv accurate work the following more elaborate potentio- 
iiieter is employed- AB is a uniform wire 110 cms. in length which 
is stretched over u millimetre scale and connected at the end A 
with 15 resistance coils which are all accurately made equal to 



one another and to ItX) cms. of the wire AB. The total resistance 
from plug 15 to the end of B will therefore be equivalent to 1,610 
centimetres of the -wire : and if the E.M.F, across DB is 1*610 
volts then each metre of wire will be equivalent to 0*1 volt. Hence 
i em. of the wire is equivalent to 1 millivolt. 

In using this potentiometer the positive pole of the working 
vtfia C IS connected with the plug 15 and the negative pole -with 
the end B of the resistance wire. 5 is a variable resistance. The 
psitive of a standard cadmium cell (E.M.F. 1*0185 volts) 
13 connected with the plug 10 and the sliding contact is placed at 
ttx |k»int ld*5 cms. on the wire. The resistance R is varied until 
no current |asses thi^i^n the galvanometer on closing the key K. 
Thf^ I^ential Ml per centimetre is then 1 millivolt and the E.M.F. 
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i.»f any f*thf'r t/Hi may lie li^an off Tireetly. Thus if the balance 
point obtaine^I. wht-u *^^*11 HL is ronnf'Ctcd instead of ILj, h when 
positive pfih- f-^li eoLneeted T^'» pluir 14 and the sliding contact 
is ii" o:2-5 then E.M.F. of IfL is 1*4325 volts. Usually the 
15 ao/ amuiged aoenid a efrele and the bridge wire is also 
wiHiiitl nil a rvlind^'r and movt-> against a sliding coiitact. The 
pisition of the enmai/* i- read off by iiicaiis of a vernier. In this 



way The apparatus is rendered more compact. The above 
diagram (Fig. 24 1 shows the coiisrruetion of this apparatus. 

Single Electrode Potentials. 5Ve have seen that it is possible, 
b}’ means of a suitable mechanism, known as a galvanic cell, to 
conduct a reaction electrically in such a manner that the decrease 
in the free energy of the system reappears as electrical work but, 
before attempting the application of thermodynamic considerations 
to such cells, it will be of considerable advantage to inquire a little 
more closely into the mechanism by means of w’hieh the electric 
current is prc/iiK-ed. 
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It has been found that if two substances, or indeed two different 
forms or phases of the same substance, are brought into contact, 
there is set up an electrical difference in potential between the 
two. The origin of these electrical effects is very obscure and 
depends upon many factors, such as the physical state of the 
phases and their composition, the temperature, the smiace tension, 
etc. We do not propose to concern ourselves, however, with the 
origin of these differences of potential. Confining ourselves to the 
case of the electrical effects produced in dilute solutions, our object 
will be to see how far the theory of thermodynamics has been 
successfully applied to the more simple t}^es of contact. 

Let us consider, first of all, the case of a solid dipping into a 
liquid. Thus, for instance, we have electrical potential differences 
if a rod of zinc be immersed in any of the following solutions, 
ZnSOi, ZnCJ^, etc. Such a system is known as an elec- 

trical element. Now the galvanic cell is so constructed that two 
such elements are combined, an electrical potential difference 
existing between the two. If, now, by combining the two elements 
and connecting the electrodes it is possible to cause some change 
to occur, such as a chemical reaction, then a current flows between 
the electrodes. 

Reversible Electrodes. It will be evident, if the examples 
Just mentioned are considered, that there are two types of such 
electrical elements, namely those in which a reaction is taking 
place, such as a rod of zinc or iron in a solution of one of the 
mineral acids, where the metal dissolves in the acid ; and secondly, 
those elements where no chemical reaction can possibly occur, for 
example zinc immersed in a solution of zinc sulphate, or silver in 
contact with a solution of silver nitrate. In the former case the 
TOtential difference is continually changing until the reaction is 
complete; in the case of elements where no reaction occurs the 
p>teiitiai difference will be a constant imder the given conditions. 
This latter type of element is known as a reversible element or a 
reversible electrc^e, since it is characterized by the fact that the 
system is in eq^uilibrium. Two such reversible elements when 
combined will form a reversible cell, which, as we have already 
IS such that no reaction occurs except when the two metal 
electHxies are el^trically connected so that a current flows between 
them. 

The potential cliff erence set up in such reversible electrodes was 
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found to be dependent to eome extent upon the phvsical state of 
the *-iirfaee of tl.e :n^<aL If, liowe%’er. two rods of zinc, for example, 
are piiieed in .j. of zinc sulphate and electrically connected 

ten-ide the soiuTion. a current is found to flow between the two 
ruds. a!:d tins eurreiir uradiially decreases until, after a longer or 
sliorter inrervaL it has diminished to zero. Now this current is 
evidently due to the diSerenee in the physical state of the sur- 
faces of the two rods and if w^e proceed as above until the current 
between liie rods is zero, we have obtained two rods which are 
electrically similar and which if immersed in any solution will give 
the same contact potential difference. \Ye have, therefore, elimi- 
nated the effect of the surface completely, and it is then found, 
experimentally, that for a reversible electrode the contact potential 
difference at any given temperature is a simple function of the 
eoneentration of the metal ions in the solution. The function is 
of the form .t = .t., — E hi C where and K axe constants, C is 
the concentration. 

The flrst reasonable explanation of this phenomenon was given 
by Xernst iZeif. pAys. Chem,, 1889, 2, 613 ; 4, 129) and was 
remarkable for its extreme simplicity. In spite of many diffi- 
culties. which will be considered in due course, the theory is still 
worthy of presentation. Xemst considered that we may regard 
ever}’ substance as possessing a certain tendency to pass into 
solution in any solvent, the tendency varying with the substance 
and the solvent considered. Consequently, when a solid, such as 
a strip of silver, is brought into contact with a solution, say of 
silver nitrate, the solid may be said to exert- a certain *'*' Solution 
Pressure " which we shall denote by P. This pressure is analogous 
to the vapour pressure exerted by the solid which may be regarded 
as a measure of the tendency of the solid to pass into the vapour 
state. The solution pressure is thus of the same form as an osmotic 
pressure. Xow in the bulk of the solution the ions of the metal 
are also exerting their partial osmotic pressure which we shall 
denote by p. The case under consideration, namely the electrode 
Ag AgXOs is one which is reversible with respect to the mono- 
valent cation Ag~, The system is in equilibrium and it is evident 
that any infinitesimal process which we may imagine to occur will 
involve no change in the free energy so long as equilibrium is 
maintained. Let us consider the revemihle transfer of dx gram- 
ions of silver from the solution to the metal electrode. This pro- 
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cess requires that positive electrical work be done upon the svstem 
and this work causes an increase to occur in the free energy of 
amount rr X dQ where rr is the potential difference between the 
metal and the solution, the metal being considered positive, and 
dQ is the quantity of electricity transferred. 

In addition to this, however, we have to consider the free energy 
change occurring as a result of the transfer of the metal ions to 
a reirion of pressure P, the solution pressure of the metal, from a 
region of pressure p the partial osmotic pressure of the metal ions 
in the solution. This transfer involves an increase in the free 

p 

energy of | Vdp. Hence the total change in the free energy is 


given hy 


AP-rr 



( 1 ) 


and this must eijuated to zero. Now if the solution is suffi- 
ciently dilute we may consider that it obeys the gas laws and we 
may then integrate the free energ}’ change of transfer and obtain 

AP = :jdQ d- dx.RT hi ~ = Q 

P 


since we are dealing with dx moles. But dQfdx — Q the quantity 
of electricity associated with 1 gram ion of a monovalent sub- 
stance. so that we obtain 


RT , P 

: t = ~ — In - . 

Q T 

or for a metal of valence n we should have 


( 2 ) 


rr = 


RT , P 

-n ~ 
nQ p 


(3) 


Smc^ for any particular electrode the solution pressure is a con- 
stant for a given solution we may transform this expression into 


nQ 


hi p -f Constant 


(4) 


or transforming equation (3) to concentrations instead of pressures, 
by means of the gas law PV = RT the expression takes the form 

1 n 

rr = ^ In C -r (o) 

whw :Tg is a constant for any given temperature, C is the con- 
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ceutration uf tia* <oIution. it tiiu;s foUows that the electrode 
potential difference is a simple function of the concentration of 
the solution and the constant ttq is evidently the value of the 
('Oiitact potential difference when the concentration is unity (i.e. 
w'hen In C == Oj. This may he transformed to an expression 
involving logarithms to the ba:<e 10, and if we desire the potential 
difference to be in voits, tve measure energy in volt-coulombs and 
olitain for the value of (RT itQ) x 2-303 — 


2-3C)3 BT 

0-0^ , 
a"*” 

18^ C 

nQ 

it 

i-m RT _ 

0-059 

-Jf 

2o” U 

uQ 

}i 



As w’e have already foreshadowed, how'ever, this mode of caicii- 
lating the electrode potential difference has been subjected to mueli 
adverse critieisni. This is due to the fact that it is difficult to 
aseribt' a real physical signiiicanee to the solution pressure I\ 
The nature of the eriiieism widen has l)een brought forward may 
perhaps lest be illustrated by quoting from Lehfeldt (Phil. Mag,, 
1S99 (V), 48, 430). 

The %'a]ue5 of the solution pressure P are easy to calculate from the 
observed values of the electromotive force. Aceonling to Le Blanc {EUh' 
irochmne. p. I Sag we have 

P 

Zlne 9-9 X atmospheres 

Mckei 1*3 X 

Palladrani . . . . .1*5: 10’^^ 

*' There are eenain obvious difficulties in the way of accepting these numbers 
as representing a pli%-slcal ivallty. The first of them is startlingly large ; 
that, however, may not be a tnie diffieulty. The third is so small as to involve 
the rejection of the entire molecular theory of fluids. If it is true that fluids 
consist of molecules with a diameter of the order of magnitude 10""® cms., 
then the production of a piessiiie sn low is impc^sible ; for pressure is a 
statistieai effect due to the impact of liumerous molet'ules. and in order to 
give such a pressure the s^jlutlon would need to contain only one or twc» 
molecules of palladium in a space the size of the earth. Hence P can have a 
iml meaning only if the metal is verv* greatly niort^ divisible than the 
ordinary molecular theon* assumes.’’ 

This criticism is not, however, nearly so serious as it appea:^ at 
first sight. Lehfeldt does not appear to have grasped the real 
significance which Xemst attached to the constant P. As Kruger 
pointed out iZeii. jJiys. Chern., 1900, 35, 18) the solution pressure 
does not represent a static condition in the solution but rather the 
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tendency of the ions to pass into solution. It is really a probability 
factor and is analogous to the small dissociation pressure ” of say, 
water yapour which is given by v. Helmholtz {Zur Therrfioiynamli 
viivw, Torgange ; Wissenschaftliche Abhandlimgen iii, 109) as 
; 10" an even smaller quantity. Such cpiantities really 
indicate the number of molecules or ions which pass from one 
state TO another in a given time, thus when we obtain a small 
value for the solution pressure it is really no contradiction of the 
kinetic theory but an indication that the number of ions leaving 
the metal per second is a very small number (probably a small 
fraction). 

Nevertheless, considerable discredit was thrown npon Nernst's 
theory and it was certainly a marked advance when Butler pub- 
lished his paper on " The Kinetic Interpretation of the Nernst 
Theory of Electromotive Force ” {Trans. Farad. Soc., 1924, 19 , 
Part m. 729). This paper should undoubtedly be read by the 
student, but we propose here to give a summary of the method 
employed. 

The kinetic treatment involves the introduction of the methods 
of statistical mechanics, but, as this is beyond the scope of the 
present book, we shall take the results obtained, by its means, for 
granted. We may assume, on the basis of the lattice theory of 
tTvstai structure, that the surface of the metal consists of a lattice 
of meial ions and electrons. The electromotive process is con- 
cerned with the metal ions in the surface layer and those in the 
solution, Equilihrium is attained when equal numbers of ions are 
dissoh'ed and deposited at the surface in any interval of time. 
If the concentration of metal ions in the solution is less than corre- 
stNiBOs to equilibrium, that is, if the rate of deposition is less than 
the rate of solution, metal ions will leave the surface of the metal 
and pass into solution, thereby leaving the surface of the metal 
with an excess of negative electrons. The efiect of this negative 
charge is to retard the passage of positive ions away from the 
surface and to assist their deposition from solution. The rate of 
deiKitsiTion will be increased and the rate of solution decreased; 
cc^nsequently the charge will accumulate until the two processes 
occur at equal rates. 

Am in the general case of a cr3"stalline solid, we suppose that the 
metal exerts a force of attraction on metal ions in the vicinity of 
the surface, and since the metal ions are fixed in definite positions 
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so as to Cuiitiiiiit: t 'It- en^ial lattice, the force of attraction is highly 
loeaHzed. that is. it falls oS rapidly with the distance. Secondly, 
we have to take ii^to consideration the attraction of the liquid for 
the metal ion'. Thi" i' nreate-t at tlie surface and falls oS on 
eiiterina th»* liquid. Ti.*' m^ultant of two forces gives rise 

to a baluia e point a: u *vrTaiu di-tanee from tlie surface, the dis- 
tance beinu of tU* ordt-r of molecular magnitii«les. Actually, how- 
ever. we have, in addition to tliese forces, an electric field set up 
as a consequence of the potential difference. We must therefore 
inquire how the electric charge is distributed near the surface. 

There is no reason for supposing that the positive ions that have 
passed into solution and the negative electrons left in the metal 
constitute a rigid eieetricai double layer. Undoubtedly the posi- 
tive ions in solution will tend to arrange themselves as near as 
possible to the negatively charged surface, but the amount of 
metal ion passing into scnurioii in the attainment of the equilibrium 
potential is sc small that the concentration of metal ions even in 
the vicinity of the surface will not be appreciably affected. The 
lines of force emanating from the excess electrons in the surface 
may arichor themselves on any positive ions near the surface and 
owing to thermal agiiatiun these will be at varying distances. 
Therefore the electrical attraction on a positive ion will be greatest 
at the surface and will gradually fall off as we penetrate into the 
zon^} of excess positive ions in the solution. This electrical attrac- 
tion Ciii;K^s a shift in the balance point. 

Xow the work recpiiied to bring one gram-ion from the surface 
to the balance pc>mt is made up of two parts (a) the mechanical 
work irh against the combined attractive forces of the surface 
and the solution, and ib) the electrical work — hQE\ where Q is 
the quantity of electricity associated with one gram-ion of a mono- 
valent substance, n is the valency of the metal and E' is the potential 
difference between the surkce and the balance point. This latter 
work is negative since the field does work upon the ion in moving. 
The total work required is thus W\ — nQE" and this is the energy 
acquired by the ions in reaching the balance point. Xow Butler 
shows that the number of ions acquiring this energ}', and thus 
reaching the balance point in one second is given by 

where X ^ is the number of ions per unit area of metal surface and 
A' is a constant. 
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Similarly, the number of gram-ions reaching the balance point 
from the solution is given by 

6, — yi 


where is the number of ions per c.c. in the solution ; the elec- 
trical field in this case opposing the motion. For equilibrium it 
is evident that these two quantities must be equal, so that 
Y nQE")JRT _ ^ nQE”)/liT. 

Taking logs, have 

W', - IT', _ . nQiE' + E") 

RT A\A' RT 


]^ow — ir'i = TFo -- TFi, wkere TFi and Tf 2 are the values 
of the work terms when the electrical field is zero and the differ- 
ence W 2 11 1 is e\ideiitly equal to g, the heat absorbed in the 
passage of one gram-ion into solution, iloreover. E' — E" = E. 
the total potential difference. Hence we obtain 


e = -L 
hQ 


RT 


In 


A''No 


^ ^ hi C 


nQ lOOO.i.'iV’i ' nQ 


where C is the concentration. Comparing this with the Xemst 
formula which may be written in the form 


nQ 

We >ee that we may pat 

“ „ q RT .rN. 

'' hQ ' nQ lOOtU'iV, 


Butler has evaluated the two terms on the left-hand side and 
has compared his values with those of Eq. The calculated values 
obtained were satisfactory at least as regards the order of magni- 
tude. Butler showed that the former term q/nQ is by far the 
predominant one. The following table eompare.s the experimental 
values of with those calculated for q/nQ. 




Ajh-Ag- 

- 0-799 

-f 1-097 

Zn-Zn" 

— 0*758 

- 0*760 

Cu-Cu" 

-f- 0-345 

0*347 


-2*71 

- 2*486 

Fe-Fe” 

-0*441 

- 0*481 
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We may thus take it for granted that the Xemst Equation in 
the form 

E = I- 

^ nQ 

does, in fact, represent the %^ariation of the contact potential 
Unerence with the concentration of the ion with respect to which 
the eleetrc*de is reversible. We therefore propose to apply this 
expression to enable us to calculate the electromotive forc^ of 
various cells. 

I. Concentration Cells with Transport. This is the simple 
tyi^" of concentration cell already considered, of which the following 
is a typical example ; 

Ag AgXO. AgXO^ Ag 

e, Co 

111 this cell we hav?* three surfaces of separation and therefore 
three contact potential differences, namely — 

£, ar boundary Ag AgXO^ (e,) 

at boundary AgXO^, (Ci) AgXOs (c%) 
at boundary AgXO^ {cX} j Ag. 

We have not as yet calculated the potential difference which is 
set up between two solutions of an electrolyte at diff^erent con- 
centrations when contact is established between them, and it is 
convenient, for many purposes, to be able to neglect this quantity. 
Fortunately, it is often possible, in practice, to eliminate this liquid- 
liquid P.D. One very simple device which may be employed 
for the purpose is due to Xemst. and consists in having some 
strong electrode present in unifonn coneentraTioii throughout the 
solutions. Thus for cells containing HCl at different concentra- 
tions Xemst employed saturated KCI throughout. The current 
inside the cell is thus carried practically entirely by the added 
electrolyte^ instead of the HCL The mechanism underlying its 
action will appear somewhat clearer when we come to consider the 
liquid-liquid P.D. in greater detail. It is, of coume, essential 
that the added electrolyte shall have no effect on the ordinal 
solutions. Thus ECl would obviously be useless for silver nitmte 
eoncentmtion cells since it would cau^ the precipitation of . 

Another method^ which is not always applicable and which is 
less easy to undemtand, consists in separating the solutioi^ by a 

I.T. M 



162 ELECTEOGHEMISTRY OE DILUTE SOLUTIONS 

concentrated solution of ammonium nitrate or potassium cHoride 
^e apparatus usually employed is diagrammatically represented 
in Fig. 25. 

No-h- we know that in the Ag \ AgNO^ element the silver metal 
is positive with respect to the solution and if we suppose to be 
greater than Ci, it follows that the electrode dipping into solution 
Cs has a higher positive charge than the electrode dipping into 
solution Cj. The difference Es - Ei is thus the potential differ- 
ence between the electrodes (measured in the positive direction). 



in other words E^ — is the electromotive force E of the cell. 
Now we know 

E^ = E,+ ?^ In c, 
nQ 

Ez = Eo In c,. 

nQ 

Hence it follows that— 

E==Ez~E, = ^ln<^J ( 8 ) 

This is ihe simple expression for the electromotive force of a 
concentration ceU with transport, in terms of the concentrations 
**^6 lOBs With respect to which the cell is reversible. This 
e^re^on nas ^n investigated in the case of silver nitrate cells 
, * be^ and Gumming {Zeit. EleUrochem., 1907, 13 , 18). 
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The following are their results : 



nr ^ e. 

Observed E.M.F. 

.V 

hi 

V 

; ^ !#mI 

volts 

0-0005 

.V 

I*??' 


U-05b0 

(»-0079 


We mmi now proceed to determine the magnitude of the potential 
difference which exists between two solutions in contact, and we 
will, first of all. consider the simple ease where the two solutions 
contain the same electrolyte at different concentrations. Thus, for 
instance, in the cell aln.ady mentioned we have two solutions of 
silver nitrate at concentrations c, and Co. 

Aq ; AgSOz (Cii AgXO^ (Co) , Ag, 

Now, in the absence of the silver electrodes, it is evident that 
the electrolyte will diffuse from the stronger to the weaker solution 
until the concentration is the same throughout the cell. This, in 
fact, is the natural or 5fK>ntaneous process which corresponds to 
the E.M.F. of the cell. Let us consider this process of diffusion 
fi little more closely. 

In general the anions do not travel with the same velocity as 
the cationa and consequently a greater number of the faster-moving 
ions will, at first, cross the boundary in a given time. This results 
in a sliatiT excess of one type of ion on one side of the boundary, 
so that an electrical poientiai dimrence is set up between the two 
solutions. This P.D. has the effect of slowing down the faster- 
moving ion. so that eventually the two ions move at the same 
rate across the boundary' and no further accumulation of elec- 
tricity occurs. In practice, this steady state is attained prac- 
tically insiantaneously and the potential difference existing at the 
boundary is the liquid-liquid P.D. which we have denoted by 
Let us assume, then, that we have two such solutions in contact. 
We imagine some arrangement by means of which the liquid- 
liquid potential difference is Just balanced by an opposing P.D. 
so that the system is in equilibrium. In the ca^ of silver nitrate 
solutions the velocity v of the anion is greater than the velocity 
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!<; ct t;>? earion. Tk- cliiute solution naturally assumes the chaise 
f.f the faster-morlnc; anion,, so that the more concentrated solution 

LdS: TIjj dlJCeT pOtCntlSi. 

Since the srstem is in equilibrium the free energy change accom- 
hanxind anr inhnitesiinal change will be zero. Let us consider 


the transfer of a >mali quantity dQ of electricity from the weaker 
to the stronger solution. This requires the performance of elec- 


trical work upon the system of amount so that we write 

for the increase in the free energy, due to this electrical work 

AJ, = £,.dQ. 

The fraeiion of the total charge carried by the positive ions is 

^ . xiiat carried by the negative ions ^ . Xow 

each sranidon carries a eliarge mQ where n is the valency, so that 
the number of positive ions passing from the weak to the strong 


-oluiion IS 


. f: 


UQ 


X)- 


If we denote the osmotic pressures of 


the two solutions, as before, hr pi and po and the concentrations 
e- and Cs ^^2 > then the increase in the free energy, accom- 
jjanyina this transfer, is given by 




ftQj 

uT, a-':'iinir:a the applicability of the gas laws to solutions. 
dQj 


IF. 


— rj 


BT hi p.2 pi- 


Similaily. the free energy increase attending the transfer of 

from the strong to the weak solution is 

The total incrt^se in the free energy of the system is thus the sum 
Af these three quantities, 

AF - AFi - AF, -- AFs - 0 


In j>Jp, -A-)RT In 


nQ\u — vj 


nQ\u 4- v/ 


Pi/P^ 
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H'-Ji- •• '.v*; t..yTa;:^ 

I: is evident tia' 

tll6 tTd*‘ 

the ratio p. b; 
we have aesynte?! 




; Ifi jj^2 pi- 


if We employ the mobilitieH instead of ionic 

bn (- beconv^s Replacing 

the f-ujivabnr concentration exprei^ion, since 
?i- law-, we obtain 


£ 


EI/V U 

fiQ \ t 


:-r) 


In c. 


The Value just obtained enables us to calculate the total E.M.F. 
a eoneentmtion cell with transport. Tlie follow! mr diagram 



represents the potentia! diferences for such a cell as the silver 
nitrate cell already considered. 


Now we have already seen that 
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Of course if the potential difference acts in the reverse directioa 
we have 



If we compare this expression with equation (8) we see that tk 
effect of the liquid-liquid potential difference is represented bv the 
/ 2U \ / 2F \ 

facto3s ( ^ tvdce the transport 

numbers of the cation and anion respectively. The following 
table gives the transport numbers of several anions in different 
salts and at varying concentrations : 


Concentrations oi Salt in Equivalents 'Litre. 

Salt- ^ : 

0 * 01 . 0 - 02 . 0 - 05 . 0 - 1 . 0 - 2 . 0 - 5 . 


Transport Number of Anions. 


Pota^ium chloride i 


„ bromide 

0-503 

0-503 

0-503 

— 

— 

— 

iodide . 







Ammonimn chloride '» 
Sodium bromide . i 

0-604 

0-604 

0-604 


— 

— 

Lithium chloride . . 

0-670 

0-670 

0-680 

0-687 

0-697 

— 

Potassium nitrate . 

— 

— 

— 

0-497 

0-496 

0-492 

Silver nitrate . . 

0-528 

0-528 

0-528 

0-528 

0-527 

0-519 

Pota^ium hydroxide . 

— 

— 

— 

0-735 

0-736 

0-738 

Hydrochloric acid . 

0-174 

0-174 

0-174 

, — . 

— 

— 


It is evident that for such salts as potassium halides or nitrate 

2r 

the transport number is very nearly 0*o so that the factor 

is very nearly unity. Hence for such salts the liquid-liquid P.I). 
k negligible. For substances containing OH' or ions, how- 
ever, this is very far from being the case. This is indicated by 
the following values: 

E, 

O-Ol y . KCi : 0*1 y\KCl 0-0008 volts. 

0-01 Y . ECl : 0-1 Y . ECl 0-0370 volts. 

The student may |K>ssibly have observed that in our deduction 
of equation (9) we made two assumptions. The fii^t of these is 
that the ratio of the concentrations Cg/Ci is the same for the aniom 
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as fur :ku Evidently this is only true for solutions of 

?:ricie eleetruivtes. Tiie addition of another electrolyte which 
nn-ets the ionization, -o that there are no longer equivalent quan- 
titio::^ o: the two ions, renders the equation invalid. 

Tl:^^ 'euond assuinp^'icn is that the valency of anion and cation 
are the same. This is not ncces-arilv the case, however. Let us 
denote the valency uf the anion and cation by Cj and 112 respec- 
tively. Tiien the uxpres-ion for becomes 


RT f V 

j ]Q\r -vj 


)L. 


f. Cl 


r 

n,QKr~l 


=) 


In Co Cl 


( 12 ) 


In for esairiple. the electrolyte is zinc chloride, then Hi is one, 
is TWO. so that 



The n nh E.M.F. oi a concentration cell with transport having 
zinc chi'tridc a- electrolyte will be 


£- 





RT/2T-U\ 

2 Q\ r-v) 


hi cJci 


ET/ 3r 


■2Q\U~ I 


-) 


hi C:. Ci 


As regards the experimental measurement of the liquid-liquid 
potential difcrenee. Cohen and Tombrock employed the following 
inzenions method :Ztfr. Eh-kiroche^n., 1907, 13, 612) : 

The EAI.F. of the cell 


Z.i ZrSO^ ZnSO^ ICoj : Zn 
wu- mcu-nrr-l L-r the valuu be E. Then we have 

PT 

£ = ^;.c,Ci-£, (14) 

E . i-. a^ before, the liquid-liquid P.D. 

The foilowing cell was then constructed 


H*! Hg.SO^ saturated in HgSO^ saturated in \ Hg. 
ZySOi solution fc.i ZrSO^ solution (Co) ! 

The meitriirT elecircKle< are surrounded by a saturated solution of 
mercurous sulphate, in a solution of zinc sulphate. Now the elec- 
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trode potential difierence at one of these electrodes, say the left- 
hand one, is of the form 


E,' = E 


0 


RT 

Q 


In 


where [Hg'~]i is the concentration of the mercurous ion in the 
solution. Since the solution of mercurous sulphate is saturated^ 
however, it follows that the product [Hg~'}%SOi% which is known 
as the solubility product, must be constant. Let this product be 
then w'e have 

lHg-]=^K/\SO:'f 

or In[Hg^] = InK-Un[SO,"] . . . (15) 

At the right-hand electrode we have 

E/ = E,-^^lniHrh. 


Hence E,' hi [%-]. - ^ In [Hg^] , 

which, by equation (15), becomes 

E/ - R/ = - hi -i- [SO/],. 


The cell is thus revei^ible with respect to the anion SO/ and since 
we may neglect the change in the concentration of these ions due 
to the addition of the mercurous sulphate, we may regard them 
all as due to the ionization of the zinc sulphate. Now the con- 
centmtions of these ions are Cj and Cg respectively, since they must 
be equal to the concentrations of the zinc ions. Hence 


E.' - E/ - 


RT 

2Q 


In Co/Ci. 


The total electromotive force of the cell is therefore 


E' = -t^lncJc, E, . . (16) 

This may be measured experimentally and on adding this value 
to that of E we obtain, as may be seen from equations (14) and (16), 

Thus the liquid-liquid potential difierence is obtained. 

It will now be evident why Nemst^s device of adding a strong 
el«iTOlyt€ to the Kilutions eliminate the efiect of the liquid- 
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h'luH difference, since, under these circumstances, the 

maferitv of the eiirrent is conveyed through the cell by the added 
r-ieoiro'yte which is at the same concentration throughout the cell 

Concentration Cells without Transport. We have hitherto 

Xen C'oneern^d with cells in which the current is transferred by 
«*f tiirondi the solution. Thus in the famihar 

roncentratioa cell -y gram-anions are transported 

~ . . U 

iv-r faradav irom tlie strong to the tveak solution while 

* * ' U -r r 

gram-cations move m the reveme direction. Actually one gram-ion 
of silver is dissolve^l off the electrode in the weaker solution, hut 

owing to the transjK>n a fraction of only^^ y gram-ions remains. 

tie* ions wiiich have arrived in the 

F 

same -ouucirtmerg, >o mat the net effect is the transfer of : - jv - 

gngnd-';' 'd -ihvr nitmto from the strung to the weak solution. 

1 2: th ' h Eowing i/eli. which was investigated by ilacimies and 
Far.s-r ./‘-fo-. Afht/. Choi^ S^x\, 1915 , 37 , 1445 ) no transport of 


Ay AX7 saturated in A' J/r/ A^Cl saturated in Ay 
KCi solution KCl solution (co) * 

£4 £j E, ‘ E, 

r, aiii fa denote the concentrations of the chloride ions (Cil>C 2 ). 

potassium amalgam may be employed as a potassium electrode 
reversible with respect to the ECL as was shown by G. N. Lewis. 
We may calculate the E.5LF. of the cell E as follows : 

Thei^ are four surfaces of separation and hence four electrode 
pjtentials E^,, £.. as indicated in the diagram. 

£ - - £2 - A, - E, 

Xo'.v E, = In 




hi 


hi [A-], 


hi [Ag^], 
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where ^Ag and jSje; are the values of the Xemst constant for 
silver and potassium respectively, and {Ag~\ etc., are the con- 
centrations of the ions in the two compartments. Hence it follow 
that 


Q \ 1-^9 ]i 

Now since the silver chloride is saturated, we may write 
X [CHi = iAg-]^ x [a']. 


(IT) 


so that 


[Ag-], Id'], 

[Ag^], id'].; 


Substituting this value in equation (17) we obtain, since the con- 
centrations of the chloride and potassium ions in each compart- 
ment may be taken as equal, 


RT id'MK-],, 
Q id'], [K~]., 


RT, 




^RT 

or E = In Ci/c. 

where Ci and Co are the concentrations of the potassium ions in 
the solutions. 

It will be evident that the value of E is entirely independent 
of the solution pressure and hence of the concentration of the 
amalgams. Moreover, since no transport occurs, all the silver 
dissolving off the electrode remains in the solution in the s^ne 
compartment and the passage of one faraday of electricity through 
the cell corresponds to an increase of one gram-molecule of silver 
chloride, which is precipitated in the weaker solution, the reverse 
process occurring in the stronger solution. Potassium in an amount 
equivalent to the chloride ions is deposited from the stronger 
solution on to the amalgam while an equivalent amoimt dissolves 
in the weaker solution. The net result is thus, that for every 
faraday of electricity, one gram ion of potassium chloride and also 
of Sliver chloride are transferred from the stronger to the weaker 
solution by electrical means. 

Maclnnes and Parker {loc. dt.) employed a method, originally 
suggested by Helmholtz {Ge^, Abhl, h 340 ; 2, 979) and involving 
a eompari^n between the electromotive forces of concentration 
cells with and without transport, of obtaining the transport number 

of the ions of the elecmlyte. 
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Thii 5 . for -ne followinsr eei! wirh transport was investi- 

DT Jahn 'Z- iL ph j-. 1^0. 33, 545) who obtained the 


Jv A^£l Iin Hri KCl Aq: E.YlF, in volts. 

A* X — 0*C»9162 — 0-00005 

iHii&5n5 X M*i»ti665 Y — 0-09235 — 0-00005 

fL:- £1 k evidffntly revt-rsible with respect to the chloride ion. 

0 t::at if C: and c, are the concentrations of this ion in the two 

01 lit ions the 'eleetromotive force is given bv 

,«> 

.-•-iniu!i ana rrrnn^-’n Anrfr. Vktin, 1912, 34, 232) 

iK-rniined ‘hr rhi tn^in^tive forc4- of the followinir cell : 

//? HjCliHCrc:^ Hr -H, HClic.):HgCl Ha 
1 atm. i atm. 0 -ihj2Y. 

E.M.F. — O-ilMii — 0*(Hji volts. 

'L:- ijrh c-snraiiis hydro jen at a pressure of one atmosphere as the 
onmioii electrode. TL- use of such gas electrodes will be con- 
idertrd later. The cell is evidently a hydrochloric acid cell without 
rans^rt. the eleetrometive force beins : 

•iPT 

E' -- Cj (20) 

L eompari-nn of equation- il9| and (2 h) will show that if the 
:iTio of the coneentrariuns of the chloride ions c. is the same 

r E^u n 

r tu- ratio me e.tn rroiaorivt^ forct'S is vqiial to the transport 
-u tm eat cm. i.amely the iiydrocen ion. flaking a linear 
.t-rp/h.tion from the rfoerromotive forces of the hrst mentioned 
-ii-, in i*rifor to ontain a value of the voitasre of the following cell : 

Au AgCUHCi HCUAgCl Ag 
002Y 0-i^2iV. 

[acinnes and Parker obtained the value 0-09210. The ratio E' E 


HE- 0-09210 0-1 lu9 - U-830. 
fcxeelient agwment with the directlv determined value 
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of tlie transport number of tbe hydrogen ion, 0-833, as given hv 
Dnicker and Krsnjavi {Zeit pJiys. Ghem., 1908, 62, 731). 

Maclnnes and Parker also obtained the transport number of the 
potassium ion, by comparing the electromotive forces of the follow- 
ing two cells. 

T. KOI concentration cell with transport 


Ag j AgCliKCl j EGl:AgGl \ Ag 

Cl i Co j 



The coefficients yi, are termed activity coefficients ” and will 
be explained later, when we come to deal with the activity method 
of treating solutions. 

II. EGl concentration cell without transport 

Ag I AgGl : EGl i EJIg | EGl : AgGl | Ag 

\ ! i ^2 ; 

2RT , 

E = In YiG^/yzCz^ 

The results obtahied are given in the following table : 


Gonc€ntratioi3s of 


Transport Xumber of K 

• ion. 

KOI. 

E' 





E 

E.M.F. 

Hittorf. 

Moving 

Boundary' 

05 :0-05 

53-57/107-4 

0-498 

0-496 



0*1 :0*01 

.54'00/10S-9 

0-496 

0-496 

0-493 

om : o<m 

54-7/1 10*85 

0-494 

0-496 

0-493 


The agreement is well within the limits of experimental error. 

Gas Cells. The electrodes which we have considered have 
practically all consisted of a metal in contact with solution, and 
since metals are conductor of electricity, no difficulty is experi- 
enced in determining the electromotive force of the cells. Hydro- 
gen m contact with an acid solution, however, has a certain solu- 
tion p^sure, and therefore, if by some means we can connect the 
ETurc^n to an external circuit, it should be possible to construct 
a concentration with hydrogen electrodes. This has in feet 
a^>mplidied by means of the apparatus represented in 
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-T, A platinized platmiiia electrode is arranged so as to be 
n-n’v in the solution and partly in the hydrogen. Hydrogen is 
bubbled through the tube B imtil the pressure of the gas in A is 
-teady. E is the electrode. Let p be the osmotic pressure of the 
Lvlrou: ions in the solution. Hydrogen gas consists of diatomic 
inolecul-s. which tend to form E~ ions in the solution. Let this 
^^-nden^y V repre-s^rym n- a solution pressure P“. Then the 



TXitrntkl dinrif-nce between the hydrogen and the solution is 
uiven bv 


h> I 

V P- 


Xo%% by Henry s law xhv r^Iuriuii pressure P luust l>e proportional 


to tne ^uu&re root of 


:he actual pi^ssuie of the gas P. so that 


RT, RT, , 


where 6 is the proportionality factor. 

If now we consider two such electrodes dipping into the same 
sdution. the gas pi^ssm^s being Pi and Pg [P^'^PX then the 
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toidi eleetromorive force of the combination will evidently be 


E 


Mil P, 


U 6 In Po 


In 6) 


RT. p p 

P, P,. 


Ih: eleeiromotive furce thu:: depends solely upon the gas pres- 
"urr- at Ttie electrodes. 

If. on the other hand, we have two electrodes at the same gas 
pressure dipping into two solutions of, say, hydrochloric acid at 
rtiSereiit concentrations cn and c^, the net result is an. ordinarv con- 
centration cel! reversible with respect to the cation. 

in a similar manner electrodes of oxygen, chlorine, etc., mav 
W prepared. Moreover, by surrounding a piece of platinum foil 
with bromine or iodine an electrode may be prepared. 


Standard Cells and Half Elements. 

It is convenient, for many purposes, to have a source of con- 
stant E.M.F. and consequently several standard cells have been 
constructed. It is essential that such cells should be reproducible, 
that is to say the personal equation should be negligible. More- 
over, nor only must the electromotive force of the cell be indepen- 
dent of the operator who constructs it, but it should also have as 
low a temj«:raTure coefficient as possible. The cell which best 
satishes these conditions is the dVeston Cadmium cell. The cell 
is generally constructed as in Fig. 28. One limb of the H -vessel 
contains metQury and this is covered with a paste of mercurous 
sulphate and hydrated cadmium sulphate. The other limb con- 
tains a 12'5 per cent, cadmium amalgam, which is prepared by 
warming the right proportions of the ingredients in a test-tube. 
The eieetroiyte consists of saturated cadmium sulphate solution, 
ftlleii with oCdSO^,BH crystals. A small air-space is left above 
the iiqiiid level, and the vessel is closed by successive layem of 
paraffin wax, cork and sealing wax. All the materials used must 
ea^MIy purified. The electromotive force of the cell is given 
by the exp^^on : 

1-0184 ~ O'00004(i? - 20) 

where I is the tem^rature in degrees Centigrade. The tempera- 
tii^ cc^fficient is seen to exceedingly smaU, 1/25 millivolts per 
degree, the E.M.F. remains constant if none but very small 
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t urre:.:.- arc allowed to pass tbrougli the cell. The leactioa which 
-rTTrs as the source of E.M.F. mav be represented by tbe eq^uation : 

Cd fin ?atd. amalgam) - Hg,SOi{s). - -^H^O (in solution satd. 

w;Th f = CdSO,.^Hfi - iHfi (1). 

ci ^tiindard cell wiii enable ns to determine accurately tlie 
E,}i.F. of another cell, but it is sometimes desirable to measure, 

* r %iT lea^t to compare, single electrode potentials and for tHs 
it is neeessar}" to prepare a standard electrode or half 



^Sealing J^ax. 
— Cor/c. 

— Paraffin. 

^ Air Space. 

Saturated 

Solution 

of 

Cadmium 

Sulphate. 

Cr^tais 

Cadmium 

Sulphate. 

Cadmium 

Amalgam. 


Fig. 28 . 


element. We have already mentioned the standard normal hydro- 
gen eketTOde and this is frequently employed as the standard in 
calculati^s. The RD. of this electrode at 25° C. is arbitrarily 
taken to be zero for the purposes of comparison. The actual P.D. 
is blown ap^bmately to be 0-28 volt. For details of the deter- 
mumtioa of the absolute values of single electrode potentials, refer- 
^ should be made to a text-book on electrochemislay. We 
shall tx eoncemed solely with comparative values based on E.M.F. 
measumnents and referred to the RD. of the normal hydrogen 
e-leetrode as zero. 

Another standard of frequent use in laborator 7 practice is the 
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calomel half element. This electrode consists essentiallv of 
mercnry in contact with a solution of potassium chloride saturated 
with calomel Hg^Gl^. Two types are in use : the normal calon^l 
electrode containing Normal KGl and the Decinormal Calomel 
electrode, containing OT X.KCL The form in which the elm- 
node is usually found is indicated in the diagram, Fig. 29. It k 
made up in three layers, viz, (i) mercury, (ii) a mixture of mercurv 
and Hg^CL in the form of a paste, (iii) ECI, saturated with mer- 
curous chloride. MTien the nor- 
mal calomel electrode is connected 
up with the standard hydrogen 
electrode the total E.M.F. of the 
cell is 0-283 volt. The absolute 
P.D. is about 0*56 for the Normal 
Calomel Electrode. For the Deci- 
normal Electrode the absolute 
P.D. is about 0*61 volt. 

A more recent and very useful 
standard electrode is that known 
as the “ quinhydrone electrode." 
For details the reader is referred 
to the original papers. Biilmann. 
Trans. Farad. Soc., 1923, xrx, 
676; Cullen and Biilmann, J. 
Biol CJmn., 1925, 64 , 727 ; Cullen 
and Earle, ib., 1928, 76 , 565: 
Cullen, ib., 1929, 83 , 539. 

By utilizing one or other of 
these standard potentials a seri^ 
c»f values have been obtained for single electrodes. These are, as 
we ha've ah^dy stated, usually referred to the potential of the 
combiimtioa Pt j as zero, at 25" G. and one atmosphei^ 

pj^une, the solution being normal. In the following table, Part L 
are given the values obtained by Lewis and Randall, taken for 
the most part from the investigations of Lewis and his associates. 
Refe^nces to the original literature are given below the table. 
The eiectr<^e reactions are so arranged that the values for the 
increase in ener^ are simply equal to (— Eq.Q) where J® is 
the el«:tr<^e jK>^ntisJ. In Part H of the table are given some 
valuea for the electrode ^tentials of other elements taken from 





Tig. 29. 
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the compiliitioa of Abegg. Auerbach, and Luther. These values 
are of a inooi. lower carder of accuracy (cf. Taylor, Physical Gkemis- 
19 ZL vol. 1, Strictly speaking, the normal hydrogen 

» ]eetr>ie is iv^atded as one for which the activity and not the 
' "^ne-nrr.ition of the hydrions is unity, but the consideration of 
.-:h iry will be deferred till the next chapter. The activity of the 
ions in the following electrodes is also considered to be unity. 
Hence the E3LF. of a cell ^ M'' i M will be given by 

PT 

nQ 


STAXDARB ELECTRODE POTENTIALS AT ^ Q, 


Paf.t I 


L LI Ll- 

l: 

Ky-rtr--. 

^ U" 

Is.' Ksi-acJis-n. 

h\. 

2*9578 

± i:h lA. 

/r- 

- ' 

r 

2-9242 

X E K 

K 

K' 

™ 3 

2*9224 

4. 


^ Xa~ 

— g 

2*7125 

5. Zn Z-. 


- IZn 

- r. 

0*7581 

F- 

hF^ 

- hFe- 

— s 

0-441 

T. ' 

OP 

•"•it! 

il 

■ — E 

0-3976 

77 J7- 

h 

- TP 

— - 

0*3363 

y. ■ 

ISn 

— hSrr 

-r- C 

0*136 

lu. n P£" 

IPb 


— r 

0*122 

11. Fc ‘ 

lEr 

- JZ-fi- 

_ a 

0-045 

12. Pi H. - H 

IH. 

- ■ 

-r- 3 

0 

13. €u 

ICu 

- Wu 

-* .c: 

- 0*3448 

14. % Ih. 

UIg 

^iEg- 

■ - 3 

~ 0*7986 

IX J- .L 

Ag 

Ag~ 

r 

- 0*7995 

lb. Pi > ' - .> r]jv:a 

1 y — 

“ |.5(riiomb.) — B 

- 0*51 

17- P: OH fn 

OH - 

= io, - 

iHM - - 

™ 0*3976 

1-. P! 1- i-U:. 

/ ’ 

iL (s) 

• “ 3 

- 0*5357 

iy. Pi 

Ul 

- hBr,2 (ii. ~ - 

- 1*0659 

iS^K P: ^ ^ . 

/ 2 * 

- ■ it4ig 

1. _ y 

- 1*3594 

21. Hy Hp : n 

H'l 

a- - 

hHgyCL^~ 

- 0*2700 

22. Ay Ay^ 1 * P 

A-j 

-a- . 

^ AgCi ~ 3 

-- 0*2245 

23, iiy Hyj-V^ 

Hy 

ISO. 

' = AHg^O, ■ 

~ 0*6213 

24. P: ih'oH 


~ OH- 

- H,0 ~ 3 

-r 0*8280 

2t H ilPt nti - 

Ufi 

OH- 

f 

1 

1! 

, c „ 0*0984 


Kefekences to Part i 

L i8; Le^is and Keyes, J. A^utr. Ckan. Ngc.. 1912, 34. 119 ; 1913, 35, 340 
^2} J>wis and Argo, lb., 1915, 37, 1983. 

T; I^wk and Kiaiis, lb., 1910, 32, 1459. 
i5/ ib., 1919, 41, 1787. 


X 
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j Lewis and tou Ende, ib., 1910, 32, 732. 

= 9; Nojes and Toabe, ib., 1917, 39, 1537. 

=:i3, -3j Lewis and Lacy, 1914, 36, SOI. 
il4^ Linharr, ib., 1916. 38, 2356. 
fl5 Xoyes and Braun, ib.. 1912, 34, iui6- 
: i9; Lewis and Storch, ib., 1917, 39, 2544. 

I20s Lewis and Rupert, ib.. 1911, 33 , 299. 

£21: I^wis, Brighten and Sebastian, ib., 1917, 39, 2245, 

!23. Randall and Cushman, ib., 191S, 40 , 393. 

124' Loi^nz and Buhi. Ztlf. p^ys. (’hem., 1909, 66 , 733. 

; i6 Sammet, ib., ll«}5, 53, 641 ; Maitland, Z. Ekktrochem., 1906, 12, 263. 
i25i Brdnsied. Zeit. phys. Chem., 1909, 65, S4 ; iMing Chow, J. Amer. 
Chem. Sq€.. 19*^X 42, 4SS. 


paet n 


EI. :ircda. Electrode Reaction. 


1. B-i Ba — 

IBa 

- IBa— 



2S 

2. St Sr — 

-}sSr 

- ISr — 

-r 


2-7 

3. Oi Ca — 

ICa 

- hCa — 

-T 


2-5 

1 

•1 

Oi 

iJig 

- iMg— 

— 

U: 

1-55 

5. Mn ' Mn-- 

hMfi 

= mn--r 

— 

u 

10 

6 . C> ' Cr 

ICr 


-r 

o 

0-5 

7. In ■ In 

iln 

= llrr— 

-r 

0 

0-35 

S. Co : Co— 

hCo 

= 4Co-^~ 

“r 


0'29 

9. Si yi — 

lyi 

== iXi— 

4- 

o 

0-^ 

10, Sb Sb 

ISb 

- lSb—-r 

-h 

o 

-O-i 

11. Bi . Bi 

IBi 

- iBi-'- 

-r 


-0-2 

12. As.A^— 

lAs 

= ~ 

-r 


-0-3 

!3. Pd Pi— 

4Pd 


4- 

3 

-0-S2 

14. 4u ’ 4y” 

.4?/ 

— 'Au'^ 

-f 

0 -. 

- 1-5 

15. PC . Jh 



4 - 


- 1-9 


It is foiind that the value of Eg is a periodic function of the 
elements. The results are at present only approximate, but when 
the imlues of the electrode potential Eq are plotted against tl^ 
atomic numbers as in Fig. 30, the typical periodicity exhibited by 
ail fundamental properties of the elements, is observed. 

It is evident from our conception of solution pressure and 
that the more electropositive an element is, the greater its tendency 
to form ions and electrons. The more electronegative an element, 
the greater its tendency to react with an electron to form an anion. 

Applications of the Theory of Electrochemistry. 

We now pm^se to consider a few cases where the application 
of the principles developed in this chapter enable us to elucidate 
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o 
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problems of a chemical nature which would otherwise be somewhat 
difficult. The first of these is of great interest, namely the deter- 
mmation of the true valency of a substance. It was employed by 
Om to determine the valency of the mercurous ion {Zeit. phys. 
Ckem., 1898, 27, 285). 

Determination of the Valency of an Ion. The question which 
Ogg set out to determine was whether the mercurous ion should 
m represented by Hg~' or by He set up the following 

cell : 

Hg Mercurous (c^ Mercurous (co) Eg 
Nitrate in Nitrate 

dil. HN 03 { 0 - 1 N) 0*1 N.HNO^ 


The nitric acid is present so as to prevent the hydrolysis of the 
Now we have seen that, since this cell is reversible with 
ressj^'t to the mercurous ion the electromotive force is given by 

^ Cl 

nQ Cs 

where a is the valency of the mercurous ion. Now E, Ci and 
t-an determined so that n may be calculated. In an actual case 
where c. was N 2, was N 20, the electromotive force w’as found 
to he 0*029 volts. Hence we have 

0*058 


0-029 


0 058 , 20 

^og ^ 


n 


n 


whence we obtain ?? — 2., so that the mercurous ion must 
represented by Eg ~. and the true formula for mercurous nitrate 
is Similarly, the correct formula for mercurous 

chloride will probably be Eg%CU. It is, of course, necessary to 
elimiBate the liquid-liquid potential difference in making the 
imeasurement of the E.M.F. of the cell. This method has the 
double merit of being direct and of great accuracy. 

Determisation of the Solubility of Sparingly Soluble Salts. 
We are htm about to describe the method employed by Goodwin 
iZ^if. phgs. CMm.. 1894, 13, 641) in determining the solubility of 
?‘iiver chloride which is so sparingly soluble that the conductivity 
meth«i is not sufficiently accurate. We determine the electro- 
motic'e feme of some such cell as the following : 

Ag AgNO. fV/lO) &turated O-lN.KCl saturated Ag. 

NE^NO, with AgCl 
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TL- ..vll is 

E.M.F. of 


reversible with respect to the silver ion so that if and 
concentrations of this ion in the two compartments, the 
thf" cell is given by 


RT, 

IP 

Q 


-2* 


if a^ume complete ionization of the silver nitrate, then 

i- eqnal to iV 10. Hence 

^ , 0*1 

E ^ Umj — . 


The eleetmmocive force of the cel! was found to be 0*450 volts, 
so that, at 25* C. 






e oKtan, 


-- i*74 X iU-^. 


n:* -■!. rmranon of chloride ions in the righr-liand eom- 

:: v'- a'snnie ^5 cent, dissociation, is 0*085. so that 
‘ product of silver chloride is 

1*74 < ¥r^ 0*035 = 1*48 X 


Hv!c.- :hv ;io':ubility of silver chioride, which is equal to the square 
Tvoz of the solubility preduet is equal to 1-2 x 10'”^ gram equiva- 
lents per litre. 

Electrometric Analysis. Since, as we have .seen, the potential 

of an eleetrchlc depends upon the concentration of the ions in the 
solution, it possible to employ the potential difference observed, 
instead of an indicator.*' in volumetric analysis. Thus, for 
t^xample. let u- eoii-ifier the cell : 

Aj A^jXO icj KXO:: Calomel or other 

standard electrode. 

a‘*Teriiiine tfie coneentmtion of the silver nitrate c. 
Th^ E3I.F, of the cell will give a measure of the potential of the 
ekotroci- Ag AgXO^. We now run into the silver nitrate a 
-‘tdiiaam solution of sodium chloride. This precipitates the silver 
chloride so that the E.M.F. of the cell will change. This alteration 
in the electromotive force will be gradual at first since the change 
m tae eiwtn^e TOtentiai cieiwnds upon the fractional amount of 
Silver removed. As the amount of chloride approaches equivalence 
to the amount of silver in the solution, the fraction of silver in 
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the solution which is removed by each drop of sodium chloride 
added, rapidly increases, and the E.M.F. changes rapidly in con- 
sequence. As we continue to add the chloride, however, the change 
again becomes "very slow. TTe therefore plot the E.M.F. agaiiist 
the amount of chloride added when a cur\'e of the form shown 
in Fig. 31 is obtained. The neutral point is given by the point 
of inflexion on the curve. It is, of course, necessar}’' that the 
solution of silver nitrate should be thoroughly agitated to ensure 
rapid mixing, since it is essential that the concentration of the 
sihvr nitrate be uniform. The method is very useful and is capable 



Fiu. 3i. 


of vrTv i?reat aecuraev. The point of inflexion can most readilv 

AE 

be found by plotting the values of against volume of solution 

AE 

added. At the point of inflexion is a maximum. 


Determination of the Hydrogen Ion Concentration in a 

Solution. We employ a hydrogen electrode, the potential of 
whkh depends upon the concentration of hydrogen ions in the 
solution. A eoiiveiiient apparatus is that due to Hildebrand 
iJ. Amer. CMm. Soc., 1913, 35, 848, 1538) and shown in Fig. 32 
The piatinum wire from the electrode is sealed into the end of 
a ^ss B, which, in turn, is sealed near its upper end into a 
glass tube A of wider diameter. Connection between the elec- 
the rest of the voltaic circuit can be made by means of 
4* eop^r wire clipping into mercury in tube B, The el€ctr<xle is 
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T r^ pared and platinized, and a current of hydrogen passed in 
Uronaii the side-tube C. while the lower expanded end of tube A 
i- dipped into the acid solution. The hydrogen escapes through 
the holes a. a. so arranged that the platinum electrode is partially 
immersed in the liquid and partially surrounded by gas. The acid 
solution is connected by an inverted U-tube. filled with a saturated 
solution of KC! (to eliminate the liquid-liquid P.D.) with a normal 
calomel eieetraie. Carefully purified hydrogen is passed until the 
hydrogen electrode has acquired its equilibrium potential and the 
electromotive force of the combination is 


Since the potential diSerence between the ^ 

uids is eliminated, the potential of the / \ 

__ droaen eh-ctrode reft-rred to that of the 
normal calomel eleerrodv is obtained by 
-uhtraetin^ the value of the calomel electrode 
ocHnO vjI: at !>' C. ■ from the value of the 
E.M.F. meusuivht. If. however, as is now 
i’ustomary, irie refers the potential of a 
given hy.Irogeii electrode to the potential of A A 

the normal hviirogen electrode in contact 
with solution, then the E.iLF. of the above 
cell must be diminished by 0-286 volt, which 
is the value of the calomel electrode com- J I 

pared voith the normal hydrogen electrode C T j 

at the same rempvrature. Taking, therefore, I- i 

the potential of the normal hydrogen ion | | 

electrode as zero, the potential of a hydrogen Fro. 32. 

cleetrode in contact with a solution which 
IS ^-normal m respect to hydrogen ions is given by the expression 

PT 1 1 

D la- ^ 0 0001983^ Ioq L 

Q h ^ h 

Nc4v 2 ! E IS me observed E.il.F. of the cell, we have seen that 
r =E- 0-286 


Fig. 32. 


E - 0-286 
0 0001983r 



Thus we have a very simple and accurate method of determining 
the concentration of hydrogen ions present in any given solution. 
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This method may, evidently, also be employed for titratiun 
piirposes. Employing the expression just given for the pH of a 
solution it is found that a neutral solution, i.e. one for which pH ^ 7. 
corresponds to a value of the E.M.F. of the ceil E ~ 0*686 volt, 
at 15" C. In titrating, therefore, we run in small quantities of 
alkali and determine the E.M.F. after each addition. We plot 
the values, so obtained, against the volume of alkali added and 
tletermine the volume corresponding to 0*686 volts. This is tlip 
volume of alkali required to neutralize the solution. 

Hydrolysis of Salts. The electrometric method of determining 
the degree of hydrolysis of salts also depends upon the use of a 
hvdrogen electrode and the determination of the hydrion con- 
centration. Let us consider the hydrolysis of aniline hydrochloride 
(Denham, Joimi. Chern. Soc., 1908, 93, 41). The reaction may be 
represented by the equation — 

- H/) = 0sH,.SH,0H -r HCl 

The base CJl^-XH^OH vdll be practically xmdissociated, while 
the acid, which is formed in corresponding amount, will be almost 
completely dissociated. Suppose a fraction x of one mole is dis- 
sociated, the volume of the solution containing the mole being V, 
Then the concentrations of the various constituents are a.s follows : 

X 

l^is the concentration of the acid and of the base formed. 

1 -- £■ is the concentration of the unhvdrolyzed hydrochloride. 


The hydrolysis constant is therefore given by 

Now we know the value of the volume V, and, if we can deter- 
mine the hydrion concentration, we can obtain x, since the hydrion 
concentration is equal to the concentration of acid formed. We 
therefore determine the E.M.F. of some such cell as the following ; 




N 

\ m 




Saturated 


Calomel electrode. 
Xormal. 


Tne electKmotive force of this cell was found to be — 0*4655 volts. 
Hence the pH. of the solution is given by the following expression 

for 25’ C, 




E - 0*282 


- 3*093 


0*059 
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h,.j {//■, = - 3-093 = i -907 
thii: iW] — 0 - 0 (K 3807 . 

Tlni- th- val of Tb? volume occupied by one mole of hydro- 
V, i- :V1 Hence the hydrolytic constant 

A'= - ■^- ■.=u«ioiei. 

1 - KKKJjSOT X 32 ) 

Tb^ followiiii! Table gives the results obtained by Denham by 

this 


”■ 



H IU-. 

IOO 2 : 

K X 10^. 

1 ,; 

f 



1-S2 

0-21 

21 

i 


0-0966 

2-32 

0-23 

'2 



1 >-os07 

2'5S 

0-21 


Mean 0*216 


.T. is Single RD. of the hydrogen electrode. 

The hydrolysis for V = 32 is 2*58 per cent., a value agreeing 
^wtremely well vdxh that found by Bredig at the same tempera- 
ture and dilution, namelv 2*61 per cent. (Bredig, Zeit phys, Chem., 
I-bl 13, 2S9i. 



CHAPTER IX 


THE ACTRITY ilETHOD OF TREATHEXT OF 
SOLUTIONS 

The student should now be fairly familiar -with the elementarv 
methods of thermodynamics as applied to dilute solutions. They 
all depend upon the single assumption that the solute obeys the 
gas law P = RIC, where P is the osmotic pressure, T the absolute 
temperature. R the gas constant per mole and C the concentration 
of the solute in the solution. Now. while this assumption gives 
a fairly satisfactory representation of the experimental data in the 
case of very dilute solutions of weak electrolytes (or non-elec- 
trolytes), it is totally inadequate when we come to deal with elec- 
trolytes having a higher electrical conductivity, and which, on 
Arrhenius's theory, are more completely dissociated into ions. 

The anomalous behanour of these strong electrolytes led 6. X. 
Lewis to elaborate a method of systematizing the various properties 
of solutions, based on thermodynamical considerations. This is 
known as the " Activity " method of treatment and is contained 
in the following publications : Proc. Amer. Acad., 1901, 37, 49 ; 
Zeit. pky^. Chin., 1901, 38, 205; Lewis and Randall, Ihemo- 
dymmcs, McGraw-Hill Book Co., 1923. The method has proved 
to be of great practical utility and it will therefore be presented 
in sonae detail. It does not attempt to account for the anomaly 
of strong electrolytes, bat it will be evident, as we proceed, that it 
does enable us to correlate a large amount of data which would 
otherwise have very little significance. 

Activity Method of Treatment. It is a well-known fact 
that heat tends to pass naturally and spontaneously from a body 
at a higher to one at a lower temperature. We have seen reason 
to regard tJus as a special ease of a much more far-reaching law 
01 nature, namely the Second Law of Thermodynamics. We may, 
however, regaid the phenomenon from a somewhat difierent point 
of view and that every body has a certain tendency to Icse 
heat, or that heat tends to CKape from any body, and that the 
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the temperature of the body the greater is the ''escaping 
^-nd-iey " of hear from it. If two bodies at different tempera- 
ture- tome into contact, the escaping tendency of heat for the 
hear at the ihaii^r t*::mr>rrature is greater than the escaping tendency 
for the bodv at the lower temperarure, so that heat passes from 
:h^ former to the latter. The absolute temperature of the body 
may thus be said to be a measure of this escaping tendency of 
heat from that body. 

In a similar manner, if we Lave two solutions of aniline, one in 
water and the other in benzene, for example, the aniline will have 
a eerrain tendency to pass from one solution to the other, according 
to the distribution law. and we may say that the aniline has a 
certabi e^vap:ng tendency in both solvents. Equilibrium will 
b** established when the two escaping tendencies are 

e;;Ua: 

L>t u- i-r a - ri i i.a liquid in contact with its vapour, then 
'h^ - lUay h- regarded as having a certain escaping 

y :u h: th pi.a^es. :.tr, a tendency to pass into the other 
V*'.' i-sire to obtain some suitable measure of the escaping 
p n i'-n- y a pure substance in such a case. hTow it is evident 
ri.at :Ln' vapour pr^sure of the substance gives us a qualitative 
!uea.-urc c f the escaping tendency, and, in fact, this would serve 
u- a q’-uirititative measure of this property of the system. This is 
r. ic5We’i*?-r. of mueh use in practice unless the vapour behaves 
like a!: ideal gas. and since no knotm vapour is strictly ideal and 
are quite th** reverse, G. X. Lewis introduces the term 
Fugaeity.” This is a ** corrected vapour Pressure, that is to 
>ay. it is vapKiur pressure which would be exerted if the vapour 
obeyed th- gas law-. Now we have seen that for a perfect gas 
the fr-r energy change atcompanying the isothermal transfer of 
mo;^* of ih- gas from a p^ssure P- to a pressure is given by 

IF - P, - fh - j TkfP = RT In P,/P,. 

The fugdcity. / should, therefore, obey this law in the case of any 
substance whatsoever, so that we may write 

F, ~F,^RI In^J 

Jl 


( 1 ) 
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If the dift'ereuce between the two states is reduced to an infinitesimal 
amotint we have 

F-dF-F = RT In (/- df) - RT Inf 

M>that ^ dF^RTdlnf (-2, 

Integratiiiu w'e obtain 

F = RTlnf-:-B (3) 

where J3 is a constant at any given temperature, i.e. B is a func- 
tion of temperature alone. This constitutes the mathematical 
definition of the fugacity of a pure substance in terms of the free 
energy. Since equation (2) refers to constant temperature it may 
be expre.?5ed in the form 

("aT") r^'Rf 

and we know that 

(-) =»' 

KbP/t 

<io that, on combining the two, we obtain 

Bv keepiiiu the temperature constant and integrating this equation 

we obtain 


Iff f= —dP — Constant 


6 ) 


If V is known as a function of P this expression enables us ta 
caiculate the value of the fugacity at any pressure provided the 
value at some one pressure is known, i.e. provided the value of 
the constant at the temperature under consideration is known. 

In Older to determine how the fugacity of a substance varies 
with the temperature at constant pressure we proceed as follo'^ ; 
SupiK>s€ we have a substance in some given state at which the 
free enei^ is J and the fugacity/. Let us imagine it to be con- 
verted isothermally to the vapour state and then expanded to an 
infinitely laige volume and an infinitely low pressure. Let be 
the i^w value of the free energy, f* of the fugacity. Then we 
have by «|uatioii (1) 
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Diaerentiate this expression partially ■with respect to tempera- 
ire. the pressure upon each of the two states remaining constant. 


(S) =''"■7-*" 




I’-, th- ua- at verr low pressure, the fugacity ■will be equal to the 

/a In /*\ _ /d In P\ 

pre--i;re itself which is constant. Hence ^ gj, ■ J ^ ^ Jp 

whi-ch. of course, is zero. Moreover, by equation (7) 


that w»- havi 


f* F* — F 
EhJ--- 


jcF s F* F /dlhf 

Kaiv,-, T f 


B:;' '.v .qu-itiu:; V lo, we Iiave 

/cF\ F-H 


/cJ-\ 

Ksf),: 




^chifx _H^-H 


l}i*‘ Muaiitity H* ~~ H h the increase in the heat content when 
the <iihsmiice escapes into a vacuum. It is a very important 
tiuantiiy and ims been called the Ideal Heat of Vaporization. 

The further consideration of fugacity is beyond the scope of this 
book ariil the reader is referred to the original author for the calcu- 
iation- of the fugacity of various substances. We must now, how- 
f-wr, proi rrd to apply this concept of fugacity or escaping tendency 


i!. the place it will be evident to every serious student of 
j that one of the most ambiguous words in the current 

Yueabtikry is the term concentmtion. This is variously expressed 
ill molrs per litre of solution, moles per litre of solvent, moles per 
li«* grams of solvent, grams per litre, and so on. Some of these 
quantities are eonvement for laboratory purposes but they are all 
more or less arbitrary and 6. X. Lewis therefore employs what is, 
after ail, the only logical method of expressing concentration, 
namely the mole fraction. This is defined as follows : In a solution 



190 


THE ACTmTY ilETHOD OF 


containing /ii moles of Xi, Uo moles of Xo, moles of A 3. etc., 
the mole fraction Xi of the constituent is given by 


Similariv, the mole fraction of the constituent Zo is 


It is evident that if we add the values of the mole fractions for 
all the constituents of the solution we obtain 

- ^^3 - = 1 . - . . ( 10 ) 


Let the total free energy of such a solution be represented by F. 
Then it is necessary to see how this quantity is distributed among 
the various constituents. Let us suppose that all the variables 
Hti /?35 etc., are kept constant, while Ui changes by an infinitesi- 
mal amount. There will be a corresponding change in the free 
energy F. Let us suppose that the total volume of the solution 
is verv large, so that the addition of one mole of Zi has no effect 

/ dF\ 

on the relative concentrations, then the ratio =r— ) is equal 

to the change which occm's in the free energy for the addition of 
one mole of Zi, in other words, it is the free energy of one mole 
of this constituent in the solution. This is known as the Partial 
Molal Free Energy Fi of the constituent Xi 

( 11 ) 


Similariv, we mav write 


F, = — . etc. 
071 


We may treat any other property of the system, such as volume, 
entropy, heat content, etc., in a similar manner and obtain partial 
molal quantities of the form : 

dV . dS ^ dH . 

''"K- 

We may now define the fugacity of a substance in solution, in 
a similar manner to that adopted for a pure substance, namely by 

means of the equation 

F^ = RTlnf^ + B, ( 12 ) 
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where Si is a function of temperature alone ; or in differential 


As regards the variation of the fugacity of substances in solution, 
with temperature and pressure, we may write the following expres- 
sions correspondins to equations (5| and (8) : 

We must now endeavour to determine how the fugacities of the 
various constituents vary with the composition of the solution. 
Equation (11) gives us the partial free energy per mole of con- 
stituent Xi, But there are altogether n, moles of this constituent 
present, so that the panial niolal free energy for that constituent 
is Hence the total free energy, f. for all the constituents 

is given by 

F ~ I — t — fiz‘Fz — (16) 

If we consider a quantity of solution such that 


then by equation (9) we may replace /fi, etc., by A'j. etc.. 
and obtain 

I - -V/, - yJ, - yJ, - (17) 

Differentiate this expression with respect to A'l. keeping the pres- 
sure and temperature constant. We thus obtain, since the free 
energy is also constant 



- yj 


. 0 . 

(Id: 

\dA i/ TP 

\dA j/ Tj. 

\dyj rp ' 




Now since, by equation |13) we have 

dF^^RTdhif, 

and RT is a constant at constant temperature, equation (18) may 
be written in the form 

\ dA 1 / jp \ dA I , 

If the solution contains only two constituents, it is evident that 
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a cliange ia one of the mole fractions, say Vi, must be balanced by 
an equal change in the other mole fraction V. in the opposite direc- 
tion or 

- dX (20) 

Substituting this in the equation (19) for two constituents we 
obtain — 



When the vapours are nearly perfect gases we may substitute 
partial vapour pressures for fugacities and obtain the approximate 
relation 



According to equation (12) we have 

Now if F I and J\ are both finite it follows that Bi must also be 
finite. The partial vapour pressure of any constituent of a solution 
must approach zero as its mole fraction approaches zero. But as 
the vapour pressure approaches zero, it becomes equal to the 
fusacity. Therefore, when Vi = 0, /i = 0. Hence 

RT Infi = — 00 , and = — oo 

or the partial molal free energy is negative infinity when A i = fi- 
ll will be evident that, since the fugacity is a “ Corrected Vapour 
Pressure." we could proceed to deduce all the relations obtained 
in the elementary treatment of dilute, solutions given in Chapter 
VII, substituting fugacity instead of vapour pressure. M e shall, 
liowever, content ourselves with deducing Eaoult's law^ hy a slightly 
different method. TVe shall first of all make the assumption 
that Henry's law ^ holds for an infinitely dilute solution. This 
was the assumption from which we started in Chapter VII. 

^ U. X . Lewis deduces Henry’s law' as follows : If we plot /o, the fugacity 
of the solute, against ^2, and observe the slope of the curve w’hen 
approaci^ 2 m), experiment shows that it is finite, i.e. dfJdN^ is constant. 
But it is ^ ekmentaiy prop<Bition of the calculus that in the neighbourhood 
of the point a* = 0, y = 0, — y/x. Hence in the region of the infimtely 

dilute viatical /Ag == constant, say, k. That is, 

whk*h is Henry’s law. 
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Expressed ia terms of the fugacity /j of the solute this law 
becomes 

(23) 

where c is the concentration in moles per litre. Since in very dilute 
solution the concentration c is proportional to the mole fraction 
*Vo of the solute we may -wTrite equation (•23) in the form 

/a = ^--V2 (24) 

Differentiate tliis expression ; we obtain 

dX, ' 

Now according to equation (22) we have, at constant temperature 
and pressure. 

ydbif, _ yd Inf. 

• d.V, * " dX: ' 

Hence 

V 'll— I' =.-2 Ml 

■ ' dx: f, -dx, - *■ 

Xow we have 

dx,/y, = d hi X, 

so that 

d («/, = d ?/« N. . (26) 

or on integration 

I/I f j =r l/i Xj — Constam 

that is 

/i=/r*v, m 

where J\^ is the value of when X^ = L and is therefore equal 
to the fugacity of the pure solvent. This is Eaoult’s law in terms 
of fugacities. If we may assume that the vapour of the solvent 
behaves like a perfect gas. we may substitute the vapour pressure 
of the solvent for the fugadtv and obtain 

(^8) 

It is more usual to express this law ia terms of the mole fraction 
of the solute X^. Xow X, — X.> — 1 so that Raoult s law becomes 

pi " pi t? 
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It will be seen that at very great dilution this is equivalent to the 
expression deduced in Chapter Yil, namely 

Pi - pi _ Cm 
Pi^ P 

where m is the molecular weight of the solvent as vapour, p is the 
density of the liquid solvent, G is the concentration in moles per 
cubic centimetre of solution. Since the solution is dilute we may 
consider that C is equal to the concentration in moles per c.c. of 
solvent, and 1 c.c. of solvent contains p/m moles. Now 

A 2 = G/(;}li “T 

where Ui and /u are the number of moles of solvent and solute 
present in 1 c.c. of solution respectively. But since the solution 
is dilute we may neglect in comparison with and obtain 

_ 0 __ Cm 

p/m p 

Definition of the Ideal Solution. AVe now propose to define 
an Ideal or Perfect Solution as a solution which obeys Eaoult's 
law over all ranges of concentration, when that law is expressed 
in terms of fugacities. This definition is similar, in a sense, to the 
well-known definition of a perfect gas as one which obeys the gas 
law, since we are not assuming that any solution actually does 
obey Raoult's law completely, although experiment shows that, 
for some dilute solutions, the divergence from the law is small. 
Raoult's law may, as we have seen, be expressed thus, 

and extending this to refer to the other constituents we may write 

etc. 

Hence we may restate our definition of the perfect or ideal solution 
as follows : An ideal soluticm is one for which the fugacities of each 
m the constituents proportional to their respective mole frac- 
tions, this proportionality existing at all temperatures and pressures. 

I^t us now consider two solutions at the same temperature but 
eontaJning different concentrations of the same substance. Then 
by Boult's law 

I N/, are the two values of the fugacity and the 
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mole fraction of the solvent respectively, antl/y is a constant for 
any given temperature and pressure. Hence we have 

F,’-F, RThM. (30) 


or in ditlerenrial form 

RT^fhy, mil 


These are fundamental equations of the Ideal Soliitioii. 

G. X. Lewis thus considers that the divergence of solutions of 
strong electrolytes from the simple gas laws is twofold in origin. 
It is due, in the first place, to the fact that th^ vapours of the 
various constituents are not ideal, i.e. their fiigaeities are not 
equal to their vapour pressures : and secondly, to the non-idea! 
nature of the solution itself, i.e. to the breakdown of Raoiilt's 
law. He therefore intro«Iuees his concept of activity. 

Definition of Activity. Lewis ehcoses >ome standard state of 
a pure substance, at wiiieh the fugaeity is /h and defines iiii' 
activity of the substance in any other state, at which the fugaeity 
is f, by the relation 


7 ' 


(32) 


The choice of tiie standard state %"aries with the particular nature 
of the problem to be investigated. It is beyond our purpose to 
follow him funlier in his treatment of the activity of a pure sub- 
stance. Suffice it to say, that, in the case of a solution, he equates 
f for the solvent to the fugaeity/*" of the pure solvent at the tem- 
pemture of the solution. Hence the activity of the solvent is given 
bv the relation 






m 


Xow, if the solution i?. an ideal one it is evident that this definition 
enables us to 'equate the activity of the solvent in the solution to 
its mole fraction, so that for such a solution 

. (34) 

The choice of the standard state for the solute is somewhat more 
variable, but it requires that, for an infinitely dilute solution, the 
activity of the solute shall be equal to the mole fraction. 


( 35 ) 
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We may thus say. that for aa ideal solution the activities of each 
of the constituerits are equal to their respective mole fractions. 

We thus see that the activity is a measure of the effective mole 
traction of any constituent of a solution, on the assumption that 
the solution obeys Raoult’s law and other related laws. In the 
case of aqueous solutions, Lewis has found it better to express the 
activity in terms of molality, i.e. the number of moles dissolved 
in l.CKiMj grams of water, since it is in this and simply related units 
thBt the major portion of the enormous mass of experimental data 
on aqueous solutions is expressed. This means that we can equate 
the activity to the concentration expressed in the above units and 
write, for an idea! solution, 

a. — Cii Us = C 2 , etc. 

It is possible to express the free energy change accompanying 
a change in the concentration of a solution, in terms of activities. 
If we consider two solutioi^. in which the fugacities of the solute 
are represented by / and /' respectively. Then by equation (12) 
the difference in the molal free energies of the solute in the two 
solutions is given by the relation 

= (36) 

Xow the activities of the solute are given by 

«=/r 

so that the ratio f[f is equal to the ratio of the activities of /a. 
Hence equation (S6) becomes 

F’ -F=^RT In- (37) 

a 

TMs is pmrisely similar to the equation for the free energy of 
transfer from a region of concentration c> to a region of concentra- 
tion e when the solution obeys the gas laws. This, of course, is 
what we should expect if tre regard the activity as the effective 

concentmtion. 

If one of the two states considered is the standard state we have 
F -F^ ^RTlnt =RTlna . ... (38) 

M^surement of Activity. 

I. Activity of a Solvent from its Vapour Pressure over a 
Soluticm. In many ca^s the vapour over the solution may be 
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regarded as a perfect gas. so that the activity of the solvent Ui 
is equal to the ratio pi pf. This is true for the thallium amalgams, 
which have been studied by Hildebrand and Eastman at 325“ C. 
iJ. Amer, Chem. S(X., 1915, 37, 2152). The following table gives 
riie values obtained at several values of the mole fraction Xi of 
the mercury. The third column gives the ratios of Uj T, for the 
mercury constituent. This ratio, which should be unity for an 
ideal solution, indicates the div^rgene*^ of the actual solution from 
the perfect state. 

Acnvirv or yisECCEY ix Thalucm Amalgams at 325‘ G. 


-V;. 

/>: • 

.V;. 

0 95T 


o*99s 

0*942 

0-93h 

0*996 

0-915 


U-9S5 

0'S93 

0-S75 

O*9S0 

M-s36 

M-b03 

0*961 

0-T42 


0*930 

o-rt64 

0-6Ce 

0*907 

U-6I4 

0*548 

0*893 

0-497 

0-433 

0-S71 

0-347 

0-293 

VI-S44 

! 1-202 

0*166 

0*822 


it will hj L»b>erved that the ratio (h Xj decreases as X^ 
decreases, that is. as the concentration of the thallium in- 
creases. 

II. Activity of Solute from its Vapour Pressure. Lewis 
and Srorcli {J. Amer. Chem, 5oe.. 1917, 39 , 2544) measured the 
vap3ur pressure of bromine in dilute solutions in carbon tetra- 
ehloride from values of Ah from 0*CK>4 to 0-025, and found over 
this range a constant value for the ratio X^j namely 0*539. 
Thus over this limited range the activity of the bromine is equal 
to the mole fraction. 

It should be observed that if we attempt to extrapolate the 
results obtained to A^g = 1, so as to determine the vapour pressure 
of the pure liquid bromine we obtain a value 0-539 atmospheres, 
while the actual vapour pressure of liquid bromine is 0-280 atmo- 
spheres. Thus we see that the standard state for bromine as solute 
is not pure liquid bromine, i.e. in the relation a 2 = = Ps/p^j 
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pf is not equal to the vapour pressure of pure liquid bromine at 
the same temperature. 

III. Activity of Solute from Distribution between two 

Solvents. We have seen that the distribution of a substance 
between the liquid and vapour phase is only a special case of the 
distribution between any two phases. Hence we may determine 
the activity of a solute in one phase from its activity in another 
pmse if we know tlie distribution between the two phases. Thus 
Lewis and Srorch (foe. cii.) employed bromine distributed between 
carbon tetrachloride and water {slightly acidulated to prevent 
hvdrolvsis). The ratio of the molality of bromine in the aqueous 
laver to the mole fraction in the carbon tetrachloride layer is 0-371. 
Now in the carbon tetrachloride layer the activity is equal to the 
mole fraction. Hence the acthrity in the water layer (measured 
in terms of molality) is obtained by multiplying the mole fraction 
in CCh by 0-371. ” 

IV. Activitv' from Electromotive Force Measurements. 
It will be evident that the equations obtained in Chapter VIII 
for the electromotive force of cells should really contain activity 
terms instead of concentrations. We shall defer the consideration 
of those cells invohring ionic concentration until we have dealt in 
detail with the ionic activities. Such cells as that of Eichards and 
Daniels, however, which consist of thallium amalgams dipping into 
a single electrolyte may be employed to determine the activity of 
the thallium in the mercury solution. 

Let us consider the cell 

T! in amalgam (V^.l Thallous chloride Tl in amalgam (N/). 

A's and A’/ are the mole fractions of the thallium in the amalgams, 
and if a* and are the activities of the thallium in the mercurv 

solution, then we may write 

^ RT. O-0U019844r, a.' 

In -n log — (39 

a. n ^ an 

In very dilute amaigams we may equate the activity of the thaUium 

m the fmetion and obtain 


0TCiCil9844r , Ah' 

h % V 

n A ^ 


im 


I?4 I tie mim; coiieeiitrated amalgams we may use the measured 
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values of E to determine the variation of activity with mole 


fraetioij. 

Lewis illustrates the method by employing the data of Richards 
and Daniels at 20' C. At this temperature equation (39) becomes 




~E 

005S16 


— a 2 - 


. (41) 


We shall assume that the values of and are fixed and known, 
then the values of A. and a, may be obtained for any other thalliuin: 
amalgam. In order to determine the values of a/ and it is 
necessary to extrapolate to infinite dilution when 0^ = A 2 - For 
such purpose of extrapolation we shall plot the difference between 
the experimental data and a function chosen with regard to sim- 
plification at infinite dilution. 

Thus subtracting h:i X^ from both sides of (41) we obtain— 






log X^ -f log a/ 


(42) 


\0u‘5S16 

If we now plot the quantity in parentheses against X 2 , as in Fig. 33 



w'e note that when A" ^ = 0 we have by the definition of activity 
of solute Qi^X. = 1, or log (at-X^) = 0. The value of the 
o Mi n a te where the curve cuts the vertical axis is therefore equal 

to — log aJ- 

The curve is drawn from the experimental data given in the 
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following table. N ^ is taken as 0‘003265 so that — ^ is equal to 
the value of the E.^il.F. given by Eichards and Daniels, The jSrst 
column gives the mole fraction of thallium ; the second gives the 
values of — F (between the amalgam of the given mole fraction 
and one in which A’ 2 ' is 0-00326). In the next column is given 
J5/0'05816 — log A" 2 ), plotted as ordinate in Fig. 33, the fourth 
gives the values of obtained from the plot by subtracting 

the limiting ordinate (— log a^) from the ordinate at the value of 
A'a considered. —Log a I in the diagram is 2*4689. The last 
column gives the value of the activity of the thallium. 

This method of determination of the activity is extremely useful, 
since it does not, in any way, depend upon the vapour state so 
that it is immaterial whether or no the vapour behaves like a 
perfect gas. 


Activity of THALLicii ix Amalgams at 20^ C. 


y,. 


— E 

0-05816 

—log 2s\. 

a;. 

v;* 

AT;. 

0- 

~ X 

2-4689 

1 

0-0 

0-003239 

0-00000 

2-4869 

1-042 

0*003396 

0'01675 

0*04555 

2-5592 

1-231 

0-02062 

0-03723 

0-07194 

2-6660 

1-574 

0*05860 

0-0iS56 

0*08170 

2-7184 

1-776 

0-08624 

o-c^se 

0*11118 

2-9177 

2-811 

0-2772 

o-issc* 

0*13552 

3-1045 

4-321 

0-7259 

0*2074 

0-14510 

3-1780 

5-118 

1-061 

0-2701 

0-15667 

3-2610 

6-196 

1-674 

0*^1 

0*16535 

3-3159 

7-031 

2-363 

0-42^ 

0-17352 

3-3558 

7*707 

3-268 

0*428 imt.i 

0-17387 

3-3580 

7*75 

3*316 

Tl lliqaid 



8-3 

8*3 


Sii^rcookd\ 


Caiculaiiaii of the Activity of One Component of a Binary 
Sk>lution when the Activity of the Other is Known. 

Equation (18) for a binary solution may be written 
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If vre replace 
obtain 


<}F by the equivaient expression RTd hi a, we 
dl..a,= -^dh.(u (44) 

- ' i 


Integration of this equation gives 





A r 


it is possible to evaluate the integral directly by determining the 
area of the cim’e between two limits. This is not. however, very 
accurate, and Lewis proposes the following method. Noting 

that 


#/ V, - - or S. .d hi Nj - la No '• 

dj,-y,-^-Xdh>y, (46) 

- ' I 

we may subtract the last equation from equation (44) and 
hod 


dh 


(ij 




(47) 


or using common logarithms and integrating 





This expression may be integrated graphically, by plotting 
as orfinates against log {a . 2 X g), the area under the curve, between 
the points corresponding to the two compositions, gives imme- 
diately the difference between the two values of log {gi/Nj). Lewis 
and Randall employ this method to calculate the activity of the 
solvent mercury in thallium amalgams. Thev take one of the 
eomjK^sitions as A 2 ^ — U, so that a i N i must by definition be 
unity, since at infinite dilution the mole fraction of the solvent 
is equal to its activity. Hence % (u/ N/) = 0 and equation (48) 
becomes 


■V. 



( 49 ) 
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The following are the results obtained : 

Acth'ity of Mercfry and Thallium in Amalgajvis at 20° C. 


As. 'Aj- a.JNz. a-i/A,. 


O - CM ) 

0-00 

0-005 

0-00502 

0-01 

0-0101 

0-05 

0-0526 

0-1 

0-111 

0-2 

0*250 

0-3 

0-428 

0-4 

0-667 

0-5 

1-000 


1 

1 

1-06 

0-9998 

1-15 

0-999 

1-80 

0-986 

2-84 

0-950 

4-98 

0-866 

6-60 

0-790 

7-57 

0-734 

7-98 

0-704 


As regards the calcnlation of the activity of the solute when 
the activity of the solvent at various values of N is known, we 
may employ a similar method. Hildebrand and Eastman intro- 
duced an empirical equation and Lewis employs it to integrate the 
expression on the right-hand side of equation (49). 

The resulting equation obtained by 6. IST. Lewis is as follows : 
^ _ 2 X 0-0960 /I 1 \ 

0-263 L ^0-263 ^ 2(1 + 0-263-V,/iV,)M • (50) 

For further discussion of the methods employed in integrating 
the equation (49) in order to determine the value of the activity 
of the solute, given that of the solvent, the reader is referred to 
the original authors (Lewis and Randall, Tliermodyiiamws), 

Another very important experimental method of determining 
the activity of the constituents of a solution depends, as one would 
ex^t, u^n the determination of the depression of the freezing- 
of the solvent by the addition of solute. This method is 
dependent upon one of the series of colligative properties of solu- 
tions. Equation YII (13) may therefore be employed to give the 
aetivi^” of the solute directly. The equation involves the latent 
neat of fosion and in its corrected form may be written 


a — 


LpAT 

RT^ 


. (51) 


tae actitutT taking the place of the concentration. 

In a mmm manner the several olher colligative properties may 
eEiployed lor the determination of activity, but they do not 
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lend themselves to the degree of accuracy obtained by the freezing- 
point method. In practice, if we desire an accurate determination 
of the activity of a solute over a range of dilute and concentrated 
solutions, a high degree of accuracy may, in general, be most 
readily obtained by combining freezing-point measurements in 
dilute solutions with isothermal measurements of the vapour pres- 
sure of the solvent in concentrated solutions. These methods may 
frequently be employed when the E.il.F. methods are inapplicable. 

We have seen that, as a strict thermodtmamic relation, we must 
write the free energy change of transfer from one state to another 
as 

r ~F = RT Ina'/a 

instead of the similar expression involving concentrations which 
we employed in the earlier part of this book. 

Let us now consider the cycle employed in Chapter VII to deduce 
the law of mass action in the case of substances in solution. We 
consider the following reaction : 

li.A - h.B -r njj i^'A' -f nJB' -f n^'G' + . . . 

We imagine two equilibrium boxes containing these substances in- 
solution at different partial concentrations, the systems having 
arrived at a condition of equilibrium. The transfer of moles 
of A from box I to box II involves an increase in the free energy 
of amount 

AF HjRjC ith 

where aj and cijj are the activities of the solute A in the two boxes. 
In a similar manner for the transfer of n. moles of B in the same 
direction the free energy increase is 

AF = ruBT hi hjj/bj. 

It we add all such terms over the whole cycle we know that the 
total change in free energy must be zero since the system is in 
equilibrium and the processes are conducted in infinitesimal quan- 
tities at a time. Hence we have 

HiRTln Ojj Qj -T iitRT In hjj.'bj — . . . = n^RT In a'j/a\j -f . . . 
ao that w<? mar writ^' 
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wMcL. is tie well-knoTO law of mass action expressed in terms of 
activities instead of concentrations. 

Haydns considered, in some detail, tlie method employed by 
G. X. Lewis in his treatment of solutions, we are now in a position 
to discuss its application to that important class of substances 
known as electrolytes. As the reader is probably aware, Arrhenius 
souk'ht to explain the various properties of these substances by 
means of Hs theory of electrolytic dissociation. According to this 
theory, electrolytes in solution are partly dissociated into positive 
and negative ions and these ions are responsible for the convey- 
ance of the current when the solution undergoes electrolysis. At 
infinite dilution it is assumed that this ionization is complete and 
the degree of dissociation x is unity. At all other concentrations 
X is some fraction, which may vary from very small magnitudes 
to very nearly unity. 

Sup^se we have a solution of an electroMe AB at a concen- 
tration of c moles per litre of solvent. Then we may represent 
the dissociation by means of the equation : 


Xow if we represent the concentrations of the ions and of the 
undissociated molecules by the stunbols (A~), (B~), (AB), and we 
assume that all the species obey the simple gas law for solutions, 
then we may apply the law of mass action and obtain the vrell- 
known Cktwald dilution law : 


(A^)(B-) 

(AB) 


= K . 


(53) 


where ii is a constant. If a be the degree of dissociation we have 
= (B~} = oc; (AB) = (1 — x)€, so that equation (53) takes 

the modified form 


E = 


( 1 ^)- 


(54) 


whieli is the usual equation for the dilution law. 

The values of the degree of dissociation a may be obtained 
from a measurement of the electrical conductivity of the solution. 
It is sup^sed that the conductivity due to any ion in a solution 
is the prcduct of two factom, (a) the concentration of that ion 
and (§1 its mobility. If the mobility of the ions be assumed 
t# ^ in^^ndent of the concentration of the solution, then the 
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conductivity of a solution divided by the total ion concentration 
is constant, but the conductivity divided by the gross concentra- 
tion in gram-eqiiivaients per litre is dependent upon the degree 
of dissociation. As the dissociation increases, this quotient, ^wiich 
is known as the equivalent conductivity also increases until 
at infinite dihiriou a constant value is obtained, A^ , corresponding 
to complete dissociation. At any intermediate dilution the degree 
of dissociation is given by the ratio of the equivalent conductivities 
at that dilution and at infinite dilution, 

(55) 


This equation has been modified to allow for the difference in 
viscosity between solutions at moderate concentrations and the 
infinitely dilute solution, and the corrected equation is 


X = 


A. 




(56) 


The dilution law of Ostwald has been tested for a very large 
number of electrolytes and the following tables indicate some of 
the typical results. 

1. Kendall (J. Amer. Cheni. Soc., 1916, 38, 1480) has made 
careful measurements of the equivalent conductivities of solutions 
of carbon dioxide in water at 25^ C. and has calculated the value 
of the Ostwald Constant K for the reaction : 

A- ECOr 

_ (H-).{HCOr) 

[E,CO,) ‘ 


Dissociation Constant or H ^ CO ^ at 25^ C. 


Concentration. 

Moles litre. 

X 

o 

0*027 

3 *ol 

0*019 

3-48 

0*014 

3-49 

0-010 

3-48 

0-0069 

3*55 

Aver&gb 

3*50 
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It is evident tliat for this electrolyte the law is obeyed, well 
•within the limits of experimental error, the value for K, namely 
3-50 X 10*“", mdicating a very small degree of ionization. 

II. Acetic Acid. Kendall, Med, VetemJcapsahad. Nobelinst., 
1911, 2, Xo. 38, obtained the values of the dissociation constant 
of acetic acid at 25’ C. 

Dissociation Constant of Acetic Acid at 25° G. 


Concentration. 

Moies /litre. 

o 

X 

1-0 

140 

0*5 

1-65 

0-2o 

1-76 

0-13 

1*81 

0-063 

1-84 

0-032 

1-85 

0-016 

1-85 

0-004 

1*84 

0-002 

1-84 

0-001 

1-84 


Here it will be observed that, for the more concentrated solu- 
tions, the law is entirely inadequate, although, for the more dilute 
solutions, the agreement is excellent. It is highly probable, that, 
in the ease of aqueous solutions of carbon dioxide, the law would 
fail for the higher concentrations, if it were possible to attain them. 
The value of K for acetic acid again indicates a very small degree 
of ionization. These are both examples of weak electrolytes. 

III. The following are some of the results obtained for strong 
electrolvtes. 


is) Dissocutiox Constant of SH^Cl at 18° C. 


icentmiioa. 

Av , 


K . 

143 

W-7 

0-750 

2-2 

0-5 

94-8 

0-784 

1-4 

0-i 

103-5 

0-856 

0-51 

0-05 

107-8 

0-892 

0-37 

0-01 

114-2 

0-946 

0-16 

wm 

118-0 

0-976 

0-08 

0-001 

119-0 

0-985 

0-065 


1204 i 

1-000 


OWl 

120-9 

1-000 



120-9* 

1-000 
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A: Dissociation Constants of KCL 





Ul 

O-SOS*? 

0-571 

0-05 


«i-3w 

*>02 

1 1-9290 

U-24.5 

tj'OI 


0-175 

0*tX?5 


ni2>^ 


^ »'li7S3 

t»-uS95 



0-<!720 


It will be abimdantly evident from these data that the Ostwald 
dilution law fails entirely to represent the behaviour of such strong 
electrohAes. It is worthy of note that while we have strong elec- 
tromes and weak eleetrohu:es. there does not appear to be a class 
of elec^rrohues for which the degree of dissocicition lies mid-way 
between these tw^o rt’pes. There is a considerable difference 
between a dissociation constant of 10'~‘ or 10“^ and one of 0*6 to 


0*07. We may therefore consider it possible that strong and weak 
electrolytes differ in some important respect, such for instance as 
that the latter are only partly dissociated, while the former are 
completely dissociated at all concentrations. This will be dealt 
with more fully later in connection with the theory’' of Debye 
and Hiickel. 

It is manifestly imperative to seek to find some explanation of 
the breakdown of the Ostwald dilution law. It does not appear 
to be possible to obtain the values of the actual concentrations of 
the ions of strong electrolytes, either from a determination of the 
osmotic pressure and related proj^rties or from the electrical con- 
ductivity of the solution. No physical interpretation can be 


attached to the function a = 



nor to the van t Hoff factor i. 


In the next chapter we shall consider some of the theories which 
have been adv'aneed to account for this apparent anomaly. How- 
ever. in the absence of any such theory of the underlying mechanism 
of the properties of soiutions, G. N. Lewis proposes to substitute 
for concentu^ation terms the empirical activities of the ions and 
moiecuies. He thus obtains the (^twald dilution law in the 
thermcKiynamically correct form : 




(57) 
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where aj^ and are the activities of the ions and B~ respec- 
tively, is the activity of the undissociated molecule AB. 

It is evident that no attempt is made in this method to account 
for the observed discrepancy between the ionic activities and tie 
values of the ionic concentrations calculated from conductivitv 
data. The assumption is made that owing to some unknown cause 
the solution is not ideal, so that the ion activities and concentra- 
tions cannot be considered to be identical, and the activities are 
employed as corrected concentration terms. 

The Activity Coefficient. 

Corresponding to these "" corrected ” concentrations we may, of 
course, calculate a corrected degree of dissociation. Thus let 
us consider the dissociation of sodium chloride : 

NaCl = Na^ 4- Cl-. 

Now if the concentration of sodium chloride is c moles per litre, 
and if a and are the activities of the ions then 

where y is the thermodynamically corrected " degree of dissocia- 
tion. It follows that 

y = (58) 

This quantity y is often called the stoichiometric activity coefficient 
or simply the activity coefficient of the ions, at the particular 
concentration considered. 

In. the simple case where the activity of the anion is equal to 
that of the cation, a condition which often obtains in practice (e.g. 
in solutions of KOl^ NaCl, etc.), we have 

Mb = yc = aj^—aB 

or, in other words, y is the coefficient by which the concentration 
mimt be multiplied in order to obtain the activities of the ions. 
The quantity Va^.a^ is sometimes called the mean ion activity. 

In the ease of an electrolyte giving more than two ions, e.g. 
£*804, if y is the total number of ions obtained from one molecule, 
1.©. jH>sitive and negative ions, then the mean ion activity 
is defined by the equation 


. . ( 60 ) 
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The thermodynamic degree of dissociation or activity coefficient 
is thus given by the relation 

- . m) 

j* 

In the ease of strong electroiytes, Lt-wis departs from his custom 
of equating the activities of the umiissoiuated molecules to the 
corrected concentrations in moles per litre. Thus, for strong 
electrolytes, the concentration of the undissociated molecule is 
frequently immeasurably small. Hence the value of the disso- 
ciation constant would be extremely large. Le v\us prefers to equate 
the dissociation constant to unity so that the acthity of the undis- 
soeiated moleeule<=^ is equal to the product of the activities of the 
ions. 

(^-) 

Measurement of Ionic Activities. We must now consider 
some of the methods wiiieii have been employed to determine the 
activities and the actitdiy coefficients of the various ions. We 
shall first of all make the assumption that the activities of the 
positive and negative ions are equal. 

1. Vapour Pressure Measurements. It is rarely feasible 
to measure the vapour pressure of the solute in a solution, but 
where this is possible it furnishes a method of great simplicity. 
Bates and Kirschman (J, Amer. Chem. Boc.. 1919, 41 , 1991) have 
made a careful study of the partial pressures of hydrogen chloride, 
bromide and iodide at 25* Q. The results are given in the table on 
page 210; in which the first eobonm give.s the molality or concentra- 
tion in moles per litre : the second, fourth and sixth, the partial 
pressures of the halide> : and the third, fifth and seventh, a quantity 
which is proportional to the activity coefficient. If is the 
activity of one of the undissoeiated halides, and is the mean 
ion actmty. we have defined the activity coefficient as a^/m, 
where m is the molality, i.e. v ~ m. Hence if we consider 
as proportional to the vapour pressure p, then p- , //* is a quantity 
proportional to the aeti^dty coefficient and may be written as hy. 

If these measurements could be carried to high dilutions, 1 could 
be determined as the limit approached by ky at infinite dilution. 
This, however, is experimentally impossible, and we must leave h 
as an undetermined constant for the present. 

!.T. 


p 
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AcTinry Coefficie>ts of Rydboges Halides at 25"^ G. 


HCL 


HBr. 


HI. 



p V IOC 


i> V IOC 


■p IOC 


4 

0*2395 

0*001222 









5 

0*6974 

0*001669 

— 

— 

— 

— 

6 

1*842 

0*C»02263 

0-019S7 

0*0002351 

0*00750 

0-0001444 

1 

4-579 

0*003058 

0-04S6S 

0*0003152 

0*02395 

0-0002213 

S 

11*10 

0*0C»4171 

0*1171 

0*0004280 

0*08555 

0-0003664 

9 

25*39 

0*00o5s6 

0-2974 

0*0006058 

0*3882 

0-0006928 

10 

55-26 

0-007436 

0-7763 

0*0008815 

‘ 1*737 

0-001317 

n 

— 

— 

1*987 

0-001280 

— 

— 


MEi.SUREME^’T OF VaPOUR PRESSURE OP SOLVENT. THs has 
already been discussed. It will suffice to give some of Bronsted’s 
results from measurements of the vapour pressure of solutions of 
sulphuric acid at 2Cr C. and SO" C.. interpolated by G, Lewis 
for 25* C. The method is not susceptible to as great accuracy, 
for dilute solutions, as the freezing-point method or the method 
depending on the determination of the electromotive force of con- 
centration cells. For concentrated solutions, however, the accuracy 
is much greater, as in the case of the following results : — 


VjlPOUe Peesstbes of Sulphuric Agio Solutions at 25® G. 


-v. 

m. 

Pi >1^ 


1 10 -r 

: logpJpi°-\ 

ky. 

0-<^lT3 

1*236 

0-959 

44-9 

■ 9*982 

0-00348 ' 

0*04255 

2-467 

0*878 

22*5 

! 9*944 1 

0-00350 : 

0-C^l 

4-88 

0*716 

11*4 

• 9*856 

0-00469 ! 

0*1110 

6*83 

0*545 

8*01 

1 9*744 

0-00760 : 

(hmu 

14-02 

0*201 

3*96 

; 9*320 

0-022-7 

0*2742 

20*94 

0*068 

2*65 

. 8*851 

0-0477 


In this table is the mole fraction and m the molality (or con- 
centration in moles per litre) of and the values in the last 

column are proportional to y, the proportionality factor being, as 
yet, unknown, since we cannot extrapolate to infinite dilution. 

IL M^surement of Distribution Ratios. This method, 
as we have already seen, is similar to the vapour pressure method. 
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Rothmund and Drucker {Zeit. pkjjs, C/iem., 1903. 46 , 827) measured 
the distribution of picric acid between benzene and water at 18"^ G. 
If we rake a., as proportional to the concentration in the benzene 
lavrr. Cj.. and equal to the molalitr, then fy = (^-S- 

a. is the acTivitT of the undissociated molecules.) The values of 
ky have been extrapolated to infinite dilution, when y is unity and 
the value of k is thus obtained. Dividing the values of ky, by this 
quantity (15*4) we obtain the values of the activity coefficient y. 

Activity Coefficient of Picaic Acid at IS- C. 



U177-2 

12ij 

0-82 



ISS 

O -80 

M-nlOl 


14-0 

0-91 



14 -:) 

0-93 



14-5 

0-94 


1 i.f «Xf 9 i ^2 

14-9 

0-97 



13*4 

i-CKJ 


III. Activity from Measurements of Electromotive Force. 

This is an extremely useful method of determining the activity 
of the ions in solution. As an example of its application, we may 
first consider the work of Linhart (/. Arner, Chem. Soc., 1917, 39 , 
2532) which is of a very high degree of accuracy. The cell employed 
is one without transport, namely — 

Ag ; AgCl : HCl , H. HCl : AgCl Ag 
1 atm. 1 atm. c' 


The electromotive force of this cell, in terms of activity coeffi- 
cients is, as we have seen, 


fiQ 


ye 


m 


where c and c' are the concentrations of HCi in the two compart- 
ments, 50 that yc and y'e' are the mean ionic activities. 

If we assume that, in the right-hand cell, the HC! is in the stan- 
dard state, for which yV is unity, then equation (63) takes the 
form 
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or, transforming to ordinary logarithms and substituting tKe 
numerical values of the various constants, 

— E = 0T183 logyc (65) 

Let us imagine the E.M.F. divided into two portions, E' from the 
left-hand silver electrode to the hydrogen, E^ from the right-hand 
silver electrode to the hydrogen, then we have 

5 = S'" - F = 0*1183 log yc. 

Hence 0*1183 log y = E"" - (S' -f 0*1183 log c). 

The quantity in parentheses may be measured and plotted as 
ordinates against c as abscissae. It is evident that at infinite dilu- 
tion log y = 0, so that the ordinate at this point gives the value 
of S". Hence the value of y at any other concentration may be 
obtained. The following are some of the results : 

AcTi\'iTrES is: Aqueous Hydrochloric Acid Solutions at 25^ C. 


€. 

V- 

a — . 

0*<Xh)5 

0-901 

0-CK:Hj496 

(HHjl 

0-9S4 

0-000984 

CnXe 

0-971 

0-001942 

0*W5 

0-947 

0-00474 

o*ta 

U-924 

0-00924 

0-02 

0-S94 

0-01788 

O-Oo 

0-S6U 

0-0430 

O-I 

0-814 

0-0814 

0-2 

0-7S3 

0-1566 

0-3 

0-76S 

0-2304 

fJ4 

0-763 

0-305 

0-5 

0-762 

0-381 

0-6 

0-770 

0-462 

0-75 

0-7S8 

0-591 

im 

0-823 

0-823 

2 

1-032 

2-064 

3 

l-3o 

4-05 

4 

i-S4 

7-36 

5 

2-51 

12-55 

S 

3-4IJ 

20-4 

s 

4-66 

326 

S 


50*4 

9 

8-32 

74-9 

10 

10-65 

106-5 

Its 

43-2 

691-0 


Gts. 

Actmty of HCI. 


0-000000246 

- 9022 

0-000000909 

- 8204 

0-00000377 

- 7403 

0-0000228 

- 6336 

0-0000855 

— 5552 

0-000319 

- 4772 

0-00185 

- 3732 

0-00664 

- 2977 

0-0246 

- 2197 

0-0530 

- 1742 

0-0929 

- 1409 

0-145 

- 1144 

0-213 

- 917 

0-348 

- 625 

0-676 

- 232 

4-17 

-r 846 

16-4 

-r 1657 

54*2 

-f 2367 

158 

-r 3000 

416 

-4- 3575 

1,064 

-r 4132 

2,540 

-4- 4647 

5,607 

-f. 5117 

11,340 

— 5534 

478,000 

— 7751 
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It will be observed that the activity coefficient attains a value 
considerably above unity, at o = 16, the value in the table is 43*2. 
It is therefore somewhat fantastic to regard such a value as a 
thermodynamic degree of dissociation. 

3Iore recently Harned {Zeit, jphys. Ohern., 1925, 117, 1) has 
determined the activity coefficients of XaOH and KOH for various 
concentrations. The cells employed were of the type 
H, XaOH (c,) : Xa^Hg ' XaOH (c,) ^ E, 

1 atm. 1 atm. 

The following table gives the values of the E.M.F. at 25^^ C. 
Concentrations are expressed in moles per litre. 

E.M.F. Measurements at 25 ~ 0. 





0-01011 

- 0-0315 

0-01 

o-onxM) 

0-0000 

(e0202 

0-01001 

- 0-0338 

0-0520 

0-01000 

0-0796 

0-i047 

0-00998 

0-1116 

O-lOSl 

0-00984 

0-1142 

0-1934 

0-00997 

0*1416 

0-3975 

«.) -00995 

0-1762 

0-S07 

0-01006 

0-2103 

i02(» 

0-01016 

0-2221 

1-517 

0-01003 

0-2459 

2-024 

0-01014 

0-2630 

3-10 

0*01012 

0-2926 


The electrode reactions are 

(i) XaiXaJHg) = iVa”{G) — 3- 

(ii) Wt (1 W) OE'-ic). = H.0 - 0. 

We may subtract these to obtain the total reaction over the portion 
Xa JSg { XaOE {c) j E^ (1 atm.) 

namely, 

Na (XaMg) ~ H/J (c) = hE, (1 atm.) -f OS'* 3 
Let the E.M.F. of the two portions be Ei and E^, corresponding to 
concentrations e, and Cg, then Ei — Ez = E where E is the E.M.F. 
over the whole cell. Now the change in free energy over the 
reaction is 

Af , - Afj = RT In ^ 
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Xote that we have not assumed, as formerly, that the activities 
of the water are the same in both solutions. Transforming to 
ordinary logs, and substituting the numerical values of the con- 
stants we obtain 

E log = log . . (66) 

yiGl 

Xow the value of the ratio of the activities of water may be taken 
as equal to the ratio of the vapour pressures of the water in equili- 
brium with the solutions, that is — 

logpt/Pi = 

Hence we obtain 

E 4- 0*05915 log ^ = 0*1183 log y^Jy^x . . (67) 

Pi 

In order to avoid measuring the vapour pressure of the solutions, 
Hamed proceeds as follows. He jBrst of all neglects the correction 
and obtains approximate values of the activity coef&cient y. He 
then substitutes these values in an empirical expression which he 
has found to represent the results in earlier work. The expression is 

logy = — + d,c 

where fL O' and 6 are all constants. The constants are thus deter- 
mined with sufficient accuracy and are substituted in a second 
expression which Harned found to be valid, 

r-> ■ ^-606 0.C _ 4*606i3e'.cn 
^ ' p o5*5L'^ ^ 2 O' _i- 1 J * ^ ^ 

The values of the constants determined by Hamed are, fi = 0*288, 

= 0*387, 6 = 0*122, and when these are substituted in equation 
(68) we obtain — 

In ^ [-2 0-:3892 c - 0-3701 c“'3S7i (69) 

p 00 * 0 ^ ^ 

The foUowing table contains the results obtained by Harned. 
The fet column gives the concentration in moles per litre, the 
second column gives the natural logarithms of the ratios of the 
vapour pressures of 0*0202ilf . to pg? the vapour pressure of the more 
concentrated solutions. Column 3 contains the correction to be 
add€4 to the electromotive force, namely 0*02568 In Pc/Po o 202 = ^ 
Isay). Tne fourth column contains the observed electromotive 
forces of the cells referred to 0*0202, viz. E — 0*0338. This was 
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irsi corrected in -neh a wav that each concentration would be 
compared to an exactly n-Oi molul eoliition, the corrected values 
being given in coiinnn 5. C^ohinin 6 Elves the corrected values of 
the E.3LF. obtained by subtracting coliimn 3 from column 5. 
Column T tabulat-s tne \alin-s of the ratio of activity coefficients 
yc.c:&- db* Coiunn: ^ oontaiiH th*^ valuer of y obtained by extra- 
polating to iniinire dilution. 


HviiRoxtnE 


1 
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> 

i 
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o-m-2 

O-fXW# 

O-MXii/h t 


(XnHte 


1 

^)*5S0 

0-0526 

O-^XdOO 

— I'M.HVdiEs 

e-0457 

tHj457 

?h)457 

l4f7U 

0*522 

0-I04T 

0'*X<253 

— 0*^'.a>^cC3 

*.5*c-77S 

0-^=*77T 

ii-f>77fj 

1*145 

0-765 

O-IOSI 

0*jX*294 

— 0-"<«^)75 

v- **}504 

0*u796 

00795 

M39 

0-773 

0-1934 

0*rf^.Cj77 

— 'J''- <KU4> 

0*1075 

0-1077 

u*PC55 

M79 

0-745 

0-3975 

0-01250 


*^•1424 

0*1426 

0*1423 

1-233 

o-TU 

0*507 

0 -021371 

— f'hivxaso 

0-17tt5 

0-1705 

0*1761 

1*297 

0-67S 

I-r»20 

0-^03440 

— 0*i»tX554 

0*iSS3 

0*1 S9I 

0*1552 

1-295 

0-6SCJ 

1-517 

0*0535 

- 0*CC»1373 

0-2121 

0-2122 

0*2i0S 

1-241 

0*709 

2-024 

0*0752 

- o*imcr29 

0-2292 

0-2299 

0-22S0 

M85 

0-743 

3*1 

0*1276 

- 0*C^3276 

0*25$S 

0*2594 

0*2561 

KjoO 

0*8^ 
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Et, 

K (final 




' P- 





o*o3o«:» 

O-ChKKmj 

O'OOIXXO 

0-0000 


O-CHXO 

14*30 

O-SoT 

0*05 

0-0G06S 

- CHXXi017 

0-0241 

— 

04*241 

14H3 

0Si2 

CMO 

0*00236 

- 0*«^61 

0-0572 

— 

045571 

14>97 

0-789 

0-30 

0(Xm5 

- 0-CCXr235 

0-1113 

— 

Ollli 

l*15Ci 

0-746 

IX 

0*Cj3534 

-0-000^7 

0-175*3 

— 

0*1741 

M2S 

0-760 

34) 

0*1376 

- 0<K)35S 

0--25I1 

— 

0*2476 

0-S07 

1-OtS 


These results very conveniently represented by means of the 
graph in Fig. 34. The ordinate am the activities, the abscissae 
are the concentrations in moles per litre. The activity coefficients 
computed from the original electromotive force, without allowing 
for the aetivitv of the water, are also plotted {dotted lines). The 
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extent of the correction is very small in the dilute solutions but 
amounts to 2 per cent, at IM and 7 per cent, at 3M solutions. 

Comparison with the degree of dissociation calculated directly 
from conductmty data, shows that the activity coefficient y 
decreases, at first, much more rapidly than oc with increasing 
concentration, y then passes through a minimum and rises to a 
value which may, and sometimes does, exceed unity. We thus 
see that except at high dilutions the values of oc obtained do not 
even approximately give a measure of the activity coefficient. It 
is found that the activity coefficient varies with the concentration 
very differently for different substances. 



i i I ^ ^ L 

0 12 3 




Fig. 34 (from Harned). 

IV. Measurement of Activities from Freezing-point Data. 

This methcHi is an extremely useful one provided it is remembered 
thad it is not j^nnmible, as some authors have thought, to equate 
the activity coefficient y to the degree of ionization calculated by 
the elementary methcd. The reason for this lies in the fact that 
we cannot equate the activity of the undissociated molecule to 
fl — y}€ where y is the activity coefficient of the ions. 

In dilute soiutions, the experimental technique presents many 
difficulties, but these have largely been overcome by recent work 
in thermometry in the work of Hausrath {Ami. Physik., (4), 1902, 
9, 522), ^fedford fPw, Roy, Soc,^ Latid., 1909, 83A, 454) ; Adams 
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IJ. Amer. Vkfni^. H^i5. 37, 4&4|: Harkins and Kobm^ fJ. 
Amti’. C}i€if‘. AiA:.. 38, JOTOi : and Hall and Harkins iJ. 

Lht'if*. S*y?,, 38 , 

J^fwi< and Ln.narr Lave emnlo^vd tl.e^e data to caieiikt*.^ the 
values * d ^he ajvivi*'v -oedir-i-r’:- J. Au^re. Chm, S(m\. 19Ln 41, 
19nj.. 

The riuoroiis anaivTival ii^tL^xi the aetiviTv froni 

freezing-point lowering is somewhat involved and rlieso anthorN 
employ a simple empirical formula eonnecting the depression nf 
the freezin 2 -p:>inr with the concenr ration of the sa!*. Tins exj^rf^s- 
sion is 

— (7^9 

where a is the number of ions into which one moiecule of the salt 
ionizes : h is the theoreticjil niohx*u!ar dejiression of tlie freezing- 
{>oiiit (in tlie ease of Wiiter. h = i-85’^ ' per mole of dissolved 

in sranis of >olvent; : t is the observed iowerinu of tm^ freez- 
imr-ixdiit. produced by a salt of concentration c in moles per iJNHi 
urums of solvent, and m are constants. By combining this 
expi>"ssion with the thenriodynaniie equation, connecting the free 
tmergv change on iiilutirui with the lowering of the freezing-|>oint. 
they finally obtaine^l 

%p - - d im -r- . . . (71) 

For details of the ealeiiktion the reader is referred to the original 
authors. The following table gives the results obtained, together 
vriXR the values of the degree of dissociation x calculated from 
eondiictinty data, for a spries of different suh^tarice.== at d-01 Molai 
soliition. 


Sail. 

KCi. 

XaCL 

KCln.. 

IJuf 7,. 

Va/O.. 

C’dSUi. * 

LUXO.^ 

a 

o-PJa 

H-941 

0-930 

O s73 O.OS7 
0 *c2S H S7J 

0-710 

0-S.S3 

0-872 

0-ft2s 

i}-33s 0-*2fm 
n-ou O-029 

0-571 

0-S«)5 


In the case of concentrated solutions this method is no longer 
applicable, but it is beyond our purpose to follow the methods 
adopted by Lewis in the solution of this problem. A complete 
account of the application of freezing-point data to the determina- 
tion of activity will be found in Lewis and Eandalh ThermRdpmmics, 
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Method of Determining the Activity Coefficient when Data 
at High Dilution are Lacking. 

We have seen that the various methods of calculating the activity 
coefficient give us some multiple ly of the coefficient itself, and this 
value of Jc is obtained by extrapolating to infinite dilution. It 
often happens, however, that the results obtained by the vapour 
pressure and electromotive force measurements at high dilutions 
are not sufficiently accurate. MTien this is the case the method 
adopted by 6. X. Lewds is to compare the data obtained for the 
electroljrte imder consideration with the data for some substance 
of a similar type which has been carefully investigated. Thus, 
for example, the results of Xoyes and Macinnes (J. Am^r. Ohem, 


VOO 


^ 0-36 


om 


0'2 0-4 0’6 0^8 ^ I'O 

Square Root of Molality, C\ 

Fig. 35 (from Xoyes & Maclnnes). 



%oc,. 1920, 42, 239) for potassium chloride may be corrected by 
compmisoii with those obtained for sodium chloride. The follow- 
ing table gives the results obtained by this method. Column 1 
gives the concentration in moles per litre. Column 2 gives the 
values of y obtained by Xoyes and Maclnnes for potassium chloride 
by extrapolation to infinite dilution. These values are not accurate 
owing to the uncertainty of the values at high dilution. Column 3 
pves the values of the activity coefficient for NaCl which have 
tx^en accurately determined. Column 4 contains the values of the 
ratio of the activity coefficient in the second and third columns. 
Xow^ it IS reasonable to assume that this ratio should, in some 
repkr maimer, approach constancy. These ratios are plotted in 
Fig, M against the squ^e root of the concentration c- , The smooth 
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curve neglects the valu^^s for dilute solutions and is obtained by 
extrapolating the values at higher concentrations. The ordinate 
at zero concentration obtained in thi^ maiiiier is 0*935. If now 
we divide any other ordinate by this value, and multiply by the 
activity coemcient of sodium chloride at That concentration, we 
obtain the activity coefficient of KCl. Tlie-e corrected values are 
given in the last column of the table. They differ, as a rule. !>y 
several per cent, from the value- iff Noyes aiid Maclniie-. 


Activity Coefficiest- uf FJ I at 2^" i 
(From E.jLF. Data; 



■- KCli 


Ratio 

Corrected values 
of r iKCii 

Cone. e. 

Xoves and 

: [XaCh. 

7 ^KCI: 

7 {XaCi; 

ij-iXil 

0*979 

0*977 

1-002 

0*977 


0*923 

0*9411 

0*976 

0*946 

0-Ul 

0*S&0 

0*922 

0*904 

0*922 

0-03 

0‘S23 

0*S69 

0*947 

0-S69 

O"05 

0*790 

0*842 

0*93t> 

0*S41 

0*1 

0*745 

0-79S 

0*934 

0*796 

0*2 

0*7CCi 

0*752 

0*931 

0*749 

0*5 

0-63S 

0-6S9 

0-92S 

0*682 

1*0 

0*593 

0*650 

0*912 

0*634 

The values 

given in the 

last column are 

completely corroborated 


by freezing-point measurements so that the procedure is justified. 

Activity Coefficients in Mixtures of Electrchtes. Several 
attempts have been made to determine the activity coefficient of 
electrolytes in mixtures. The resiiiis given on the next page, 
obtained by Earned (J. Anier. Chem. Soc., 1920, 43, 1808) from 
electromotive force data, are typical. They refer to the activity 
coefficient of HCl (0*131) in the presence of other chlorides. The 
first column gives the total concentration, i.e. HCl — MeCL in moles 
per litre. The second column gives the activity coefficient in pure 
HCl ; the other columns give y in the presence of the added salts. 

These results do not permit of any simple generalization for the 
more concentrated solutions. For the more dilute solutions, 
however (up to 0*231 for KCI and LiCI and even up to 0*531 
for A'aCrK the activity coefficient is the same as in pure HCL These 
data, together with the results obtained from numerous other 
investigations have led to the formulation of the following simple 
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or.:... 

: HCi in 
pure HCi. 

HCI 
in LiCI. 

-/ HCI 
in XaCI. 

7 HCI 
in KCL 

tJ-1 

0-Sl 

0-Sl 

0-81 

0-81 

0*2 

0-7 *3 

0-78 

0-78 

0-78 

0-5 

0-76 

0-78 

0-76 

0-75 

1*0 

n-sS 

0*S() 

0-80 

0-75 

2-0 

1-02 

1-09 

0-94 

0-84 


1-35 

1-47 

M7 

0-97 

4-0 

1-^4 

2-02 

1-47 

1-17 


rule for dilute solutions. In any dilute solution of a mixture of 
strong electroMes, of the same valence the activity co- 

efficient of each electrolyte depends solely upon the total con- 
centration. This is evidently only a limiting law which approaches 
complete accuracy at infinite dilution. 

A considerable' amount of very accurate work in this field has 
been accomplished by means of solubility measurements and we 
shall now proceed to discuss the results obtained. 

Solubility Methods of Determining Activity. The student 
will alreadv be familiar with the important concept known as the 
solubilitv product. Since, as we have seen, however, thermo- 
d^mamics compels us to substitute activities for concentration 
terms we must expres.s the product in terms of the former magni- 
nides. Thus suppose we have a substance AB ionizing as follows : 

AB^A~ -B'-. 

We assume that the solution is saturated and in contact with some 
undissolved salt. Then if a. is the activity of the undissociated 
molecules in the solution, a_ and a_ are the activities of the positive 
and negative ions respectively, then 

a 2 is a constant ; X a_ = Constant. 

Now we have defined the activity coefficient y as 


y ~ 

wiiere 

Hence it is evident that the activity coefficient of the salt in the 
mixture is invemely proportional to the mean molality of its ions. 

We shall consider the ease of a uni-univalent salt in the presence 
of another uni-univ^alent salt with no common ions. In this simple 
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TLe following resuitr^ 
/. ArnCf. Clf* 

V of tiialluu- r-liloride 





Litre-. 


O-OCN) 0-01^7 0-0ia>T O-OHKiT u*t»itXi7 O-OltKiT u-UltPiT 0*0i0*}7 

U-020 0-01716 ^ tMjiu34 0-i>i770 

0-025 — 0-WS69 

O-OoC^ 0-0 B26 i>-CN:i5f«> 0-iX»5^3 0-t«i624 O-Chhun i'i-iH>j77 0-C0042 

0-lC«j 0-01061 0-W396 0-(ii3>3 i.*-i-K,i422 u-fXi416 0-i?2137 

0-20«} — M-s«j2tW o-i<f2.73 — ii-W’2^2 — — 

0-300 U-o23!3 -- - - ~ iHdtM.nj 

hfm «i'*i3H72 U-U34I6 

Tile activity eoenicicLt i^5 invcrr^t-iy ;Lai tu tLc nican 

molality of the ions. i.e. to the solubility of tfor salt. We there- 
fore plot the reciprocal of the solubility against the total molality 
of the mixture, or better against the square root of this latter 
quantity. Tue proportionality factor is thus evaluated by extra- 
polation. The value of 1 //i„ obtained is 70*3. If. therefore, we 
divide the values of 1 //, _ obtained from the above table by this 
value TO-3 we arrive immediately at the activity coefficient of 
thalious chloride in the corresponding solution. 

G. X. Lewis has extended the rule mentioned above for dilute 
solutions to the ease of solutions of salts having polyvalent ions. 
He fii^t of all defines a magnitude which he terms the ionic 
strength. 

In any solution of strong electrolytes let us muitipiy the stoichiometric 
mokilty of each iun by the square of its valence for charge). The simi of 
these quantities divided by two (since we have included both negative and 
TK^hive ions), we shall call the ionic strength and designate by u. Thus in 
pure solutions of potassium chloride, magnesium sulphate and barium chloride, 
all at 0-0 Ilf. we have, i^st^-tively. /i = 0-01, u 0-C4, and 

a = [i4 X H4ili — n<i2: 2 0-t^.'* 

The extended form of the rule is then : In dilute solutions, the 
activity coefficient of a given strong eleetrolne is the same in all 
solutions of the same ionic stn^ngth. 
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Activities of Individual Ions in Strong Electrolytes. The 

detenmnation of the acti\'ity coefficient, which is defined by 
y == {aj_ . a^.m^ 

does not require the actual values of the activities of the individual 
ions to he hnowii. In fact the problem of their determination is 
fraught -with difficulty. The first attempt in this direction was 
made bv Maclnnes (J. Arner, Gliem. Soc., 1919, 41, 1086). He 
assumed that, in a solution of potassium chloride, the actmties 
of the anion and cation are equal. He justifies this assumption 
on the grounds that the two ions have practically the same weight 
and mobility. It will be evident, that, once some assumption of 
this type is made, we can proceed to determine the actmties of 
the separate ions, for the activity of the Cl' ion for example will 
be equal to the mean ionic activity. Hence if the activity coeffi- 
cient of HCl is known at some given concentration, we have 

{aji X acif/m^y. 

G. X. Lewis gives the following provisional table of the activities 
of individual ions. The top row gives the ionic strength //. Under 
the symbol Me are included the following ions : Mg~^, 

, except that for Cd'^'^ the value 

is not to be used for calculating the activity coefficient of a halide. 


AcnVETY COEFFICIEXTS OF IXDIVEDrAL lOXS AT VARIOUS VALUES OF THE 
Ionic Strength 


U “ 

u-oOl 

o -( K )2 

0-005 

0-01 

0-02 

0-05 

0-1 

H- 

0 - 9 s 

0-97 

0-95 

0-92 

0-90 

0-88 

0 - S 4 

OH- 

0 - 9 S 

0-97 

0-95 

0-92 

0-89 

0-85 

0-81 

Cl\ Er\ r 

0 - 9 S 

0-97 

0-95 

9-92 

0-89 

0-84 

0-79 

Li~ 

0-98 

0*97 

0-95 

0-92 

0-89 

0-85 

0-81 

Va-r 

0-98 

0*97 

0-95 

0-92 

0-89 

0-84 

0-80 


0-98 

0-97 

0-95 

0-92 

0-89 

0-84 

0-79 


0-97 

0*96 

0-93 

0-90 

0 - S 5 

0-80 

0-77 

Tl- 

0-97 

0-96 

0-93 

0-90 

0-85 

0-75 

0-64 


0-97 

0-96 

0-94 

0-91 

0-87 

0-77 

0 - 6 S 

CIO/, BrO/, iO/’ 

0-95 

0-93 

0 - S 9 

0 - S 5 

0-79 

0-70 

0-61 

ift" 

0-78 

0-74 

0-66 

0-60 

0-53 

0-43 

0-34 

SQ^-- 

0-77 

0-71 

0-63 

0-56 

0-47 

0-35 

0-26 


- 0-73 

0-66 

0-55 

0-47 

0-37 

0-28 

0-21 


The term activity coefficient, in this table, is employed in a 
diBerent sense to that hitherto used. It may be defined, here, as 
the cc^fficiest by which the molal concentration of any ion must 
be multiplied in older to obtain the activity of that ion. 
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Influence of Neutral Saits upon the Dissociation of a Weak 
Acid. jIcBain and Kani {T/aii$. Ch^m. 1919. 115, 1332) 
have obtained some verr interesting results in regard to the effect 
of neutral salts upon the degree of ionization of a weak acid. 
Experiment shows that the potential of the hydrogen electrode in 
an aqueous solution of a weak acid, ^uc}l a:^ aeetie acid, is inereastrd 
by the addition of a neutrai salt ,e. 2 . XaCiu that i-. the apparent 
eoncentration of the hydrogen ion is increased. 

Now this fact was originally interpret e.: as indicating a real 
increase in the dissociation of the acid. McBain and Kam. however, 
consider that the effect is due, nor to an increase in the concen- 
tration of the hydrogen ions but to an increase in their activity. 
Since equilibrium exists btetween the ions and the midisscxriated 
molecules of acetic acid it follows that any incn^ase in the activity 
of the ions must be accoinpai.ied by a eorrespondins increase in 
the activity of the undissoeiuted moleeiiles, the Ostwald Dilution 
Law being expressed in terms or activities. 

But the activity of the iindissoeiated molecules can be deter- 
mined experimentally from vapour pressure measuiements. Hence 
we have a means of testing the theory. McBain and Elam employed 
this method and foimd that many salts enhance the partial vapour 
pressure of acetic acid in aqueous solutions by very appreciable 
amounts. In the case of 2*3 Ah sodium chloride the increase 
amounts to no less than 62 per cent." This is greater than the 
effect observed in the case of other salts investigated : ECL ECXS. 
EXOs- LiCL These salts ail showed proportionality between the 
effect and the concentration of the added salt. ScKlium acetate 
is found to have only a very slight effect on the activity of the 
hydrogen ion. The behaviour in the ease of sodium sulphate -was 
found to be peculiar. Up to 0*35 A*, there is a slight negative 
effect ; beyond this concentration it becomes positiv^e. The con- 
centrations of the salt employed in these experiments are, of course, 
weU l^yond the limits of applicability of the simple geneialkation 
given by G. N. I^wis for dilute solutions. 

Neutral Salt Catalysis. It is naturally to be expected that 
the catalytic effect of ions will be proportional to their activities 
and not, as previously thought, to their concentrations. Harned 
{J.A.C.S., 19185 49, 1461) has therefore attempted to correlate 
the catalytic activity of potassium oMoride with the mean ionic- 
activity of tha ions. The reaction studied is the decomposition 
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of hydrogen peroxide by the iodide ion in the presence of added 
salt. The catalytic effect is attributed by Harned to the chloride 
ion, and we saw reason to regard the mean ionic activity of potas- 
sium chloride as equal to the activity of the individual ions. As 
the following table shows, there exists a proportionality between 
the observed velocity constant of decomposition and the mean 
ionic activity. The first column contains the concentrations of 
KCl or NaOI added : the second column gives the imimolecular 
velocity constant (jEj X 10^) in the presence of KOI ; column 3 
contains the corresponding values of iio X 10^ obtained in the 
presence of NaCI ; column 4 gives the mean ion acthdty Va^.a_ 
of the ECl ions : column 5 gives the corresponding figures for 
NaCl : columns 6 and 7 give the ratios of the velocity constants 
and the mean ionic activity. 

COXCEXTRATIOX OF KI = 0*03 N. 


Cone, of 
Salt. 

K, 102. 

A% X 102. 

a^= Va4..a- 
for KCl. 

a, = \ 'a~a- 
ioT XaCl. 

Ax X 102 

Ol 

A. X 103 

a. 

0*0CHj 

4-18 

4-18 






_ 

0-500 

4-31 

4-45 

0-305 

0-311 

14-14 

14-20 

1-000 

4-45 

4-79 

0-5S4 

0-G28 

7-63 

7-65 

1-5Ch» 

4-57 

5-20 

0-860 

1-000 

5-32 

5-40 

2-000 

4-70 

5*64 

MoO 

1-397 

4-08 

4-04 

2-500 

4*S5 

6-12 

1-433 

1-815 

3-38 

3-32 


CONCEXTR.\TIOX OP Kl = 0*02 N. 


Coikf.\ iji 

Salt. 

K; ’ lU2. 

K. l(y-. 



Ax X 102. 
Ol 

Aa X 102. 

aj= \ a~.a- 
for KCl. 

a. = ^ a-a- 
; foT XaCl. 

0-000 

2-75 

2-75 





0-^ 

2*84 

2-93 

0-305 

0-311 

9-31 

9-40 


2-93 

3-17 

0-584 

0-628 

5-02 

5-05 

i-5w) 

3-C^2 

3-44 

0-860 

1-000 

3-51 

3-44 

2-000 

3-il 

3-77 

M50 

1-397 

2-70 

2-70 


3-19 

4-19 

1-433 

1-815 

2-22 

2-25 


Cataljiic Activity of the Hydrogen Ion. A considerable 
amount of work has been done with a view to relating the cata- 
lytic effect of the hydrogen ion and the activity of the ion. As 
an example we may quote some results obtained by Lewis and 
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Joui-; (•/. L'hw. Sjt:.. I'.d*'. 107, These aiitliors have 

determined rhe velocity constants for the inversion of sucrose at 
20' C.. in the presence of various mineral acids, and have shown 
that the velocity constant is direc-tly proportional to the activity 
of the hydrogen ion. In fact they coiiclude that the alteration 
in the velcK-ity constant may Ih} af-counted for completely by (a) 
allowing for the .stoichiometric correct icci for the water present, 


and 0} by 

allowing for 

the cliai': 

.ge in the activitv of 

the hydrogen 

ions. The 

' following ts 

ible "ives some of ; 

their results : 



T£il?EEATl*EE 2U 

C. M-I X 




of 

Siierose in 

Gram-mcfe 

K • ■ 

K hy 

H 

K’ . 

w 

\m e.€. of 
Sointion. 

oft^aier 
per Litre. 


W at-r Cone. 
- K' 

AetiVity 

ft. 

a 


i> 

00 ‘vW 

4-14* 

7-46^ 

O-tiOu 

1-24 


10 

51-95 

4-43 



i-2:> 


20 

4S*45 

4-79 


y-07s 

1-27 



44-99 

5-21 

1I-5S 

0-0S95 

1-29 


40 

41-02 

«j*ci4 

13-31 

tt-ior) 

1-27 


50 

3S‘09 

5*95 

15-01 

0-iiS 

1-32 


60 

34-59 

0-22 

17-97 

0-139 

1-29 


70 

30-94 

6-2‘j 

20-33 

0-102 

1-25 






Mean 

1-27 :t 

10'* 

(Value? 

; marked witii 
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The student will have observed that while we have not really 
arrived any nearer to a solution of the probkmi of the anomaly 
of .strong electrolytes, yet the concept of activity has amply justitied 
its existence owing to the enormous mass of expi-rimental data 
which it i.s capable of bringing into harmony, data which had 
hitherto appeared entirely disconnected. We shall now pass on to 
a consideration of a method which seeks to probe further into the 
my.«tery and to give us an explanation of the anomaly it.self. 



CHAPTEE X 


THEORIES OF STEOXG ELECTROLYTES 

The Inter-Ionic Attraction Theory. 

In recent years several attempts have been made to formulate 
some theory of solutions vhich would account for the anomalous 
behaviour of strong electrolytes. Of these, the Inter-ionic Attrac- 
tion Theory, which we are about to consider, has now gained 
practically universal acceptance as a means of calculating activity 
coefficients in the domain of dilute solutions. 

Arrhenius, as is well known, regarded electrolytes as being only 
partially dissociated, except in very dilute solutions. The degree 
of dissociation could be obtained from conductivity measurements, 
being given by the ratio of the equivalent conductivities, 

or. if we correct for viscosity, a = A^]J A Now the failure 
of the Ostwald Dilution Law in the case of strong electrolytes may, 
as we have seen, be due to the fact that the conductivity method 
is invalid as a means of determining the degree of dissociation. 
From time to time, suggestions were made that strong electrolytes 
are completely ionized, and that the variation in their behaviour 
from that of weak electrolytes may be due to electrical forces 
between the ions. Thus J. J. van Laar {Arch. Teyler, (20), 1900, 
7, 59) ; Sutherland {Phil. Mag., (vi), 1907, 14, 1) ; Bjerrum and 
others. In 1912, however, Milner undertook a mathematical 
investigation of the problem, on the assumption that the Coulomb 
forces acting between the ions prevent their random distribution. 
The work of Milner did not, however, attract much attention, 
owing to the mathematical complexity of his treatment, although 
he showed that his equations represented at least the form of the 
deviation from the ideal solution. In 1923, however, Debye and 
Hiiekel treated the problem again in a manner presenting much 
less mathematical difficulty. The simplification was due to the 
introduction of Poisson’s equation. 

The following papers contain the original work which has led 
up to the final treatment of the problem given here ; 
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between positive and negative ions, there are, on an average, more 
ions of unlike than of like sign in the n^aaLboiirhood of any given 
ion, and that consequently, when a solution is diluted, the separa- 
tion of the ions involves an increase of the frt_^e energy of the system, 
owing to the electrical work which mu>t he performed. 

The derivation of Debye and Hiick-l of the free energy change 
involved in dilution is based upon two general principles. One, 
the so-called Boltzmann principle, is borrowed from the kinetic 
theory, and the other, known as Poisson's equation, is derived 
from the laws of electrostatics, and involves Coulomb's law. It 
will, therefore, be e\’ident that we are not dealing with a purely 
thermodj-namical treatment of solutions, but a treatment subject 
to the limitations imposed by the assumption of the applicability 
of these two principles and the further assumption of complete 
dissociation. 

We shall apply these principles, in the first place, to determine 
the distribution of the ions of opposite charges around any selected 
ion, and to evaluate the electrostatic potential that prevails around 
that ion in consequence of its own charge and of the unequal dis- 
tribution which it produces in the surrounding ions. The follow- 
ing considerations will become clearer bv reference to Fig. 30. In 
this figure the dot in the centre represents an ion of valence — r 
and charge —re, and this charge produces in any spherical shell 
of volume dv located between the distances r and r — dr a potential 
P and a density of electric charge D. 

The Boltzmann principle may be stated as follows (for an 
elementary deduction see Jager, Fortschritie der kmefis^m Gas- 
theorie, Yieweg mid Sohn, Braunschweig, 1919, 67-70): When 
a large number of mol«;iiles, pissessing an average kinetic energy 
^kT are distributed throughout a given region, in which there 
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prevail, at different points, different fields of force (and tlierefore 
different electrical potentials), whereby any kind of molecnle A in 
anv riven volume element dv acquires a potential energy E, then 
the number of such molecules will equal the number of such 
molecules per miit volume in a place where the potential energy 
is zero, multiplied by the factor e~^‘ and by the volume ch. 
That is. if is the number of molecules which acquire a potential 
energy E, then 

.dv ..... (1) 

where k is the gas constant per molecule (i.e. k = R/^) and is 



Fig. 36. 


the number of molecules of type A per unit volume in the main 
bulk of the volume where the potential energy is zero. 

We apply this principle to determine the distribution of ions 
in a solution containing, in unit volume, ^ positive ions of A with 
a vaknee and a charge negative ions of valency Vj^ 

and charge — r^.e ; Uq positive ions of valency Vq and charge 
fsj^ negative ions of valency Vjy and charge etc. 

Since the potential energy E of any ion is ± vs.P when in a region 
of potential P, there are evidently, by equation (1) the following 
num^rs of these ions in the volume element dv where the potential 
is P. 

etc., etc. . . . 


m 
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Developing the cSpon^*htial quuntitiei m a series by means of the 
fomiiiki 


an.l 




,-PhT^r: .,::PkTrh-: 

'r, \ - /Trb-.V. . . . 


(The iiutiiors state that tln'V havv eonshkred tie- le-niert- 

ins these higher terms, aini find it to be negiisitde exeepr at fiiirlv 
iiigli concentrations.) 

The Poisson equation applied 1*1 a case where the potent iai P 
changes with the distance / by the same amount iii aii radial direc- 
tions from a central fioint has the following form, in which D 
denotes the density of ek*c-tricity in the renhci Jr, anil K is the 
dielectric constant of tiie iii»'diuin 

1 J / jW\ d-P n dp |.'r/> 

■ » ; ^ ’ r' G J 

/ '?/’ V f 0*‘ t' h 


This diiierentia! equation trvidenTiy shows how the jMjtential 
gradient or field strength dP dr varies with the electric density D, 
In order to solve it for P in terms of r we must express D as a func- 
tion of P or of /*. Debye and Hiickel show that the former can 
be done in the following manner. By multiplying the number of 
ions of each Mnd present in the volume-element di' (as given by 
expression (3)) by their respective charges, summing and dividing 
by the volume dv, and noting that since the solution is electrically 
neutral, 

~~ “ ”V “ (o) 


we evidently obtain the density of electricity I) in that volume 
element. That is 


j e-P 




/qu t “ 






We now substitute this value of D in equation (4) and wTite a 
single constant in place of the resulting coefficient of P. namely 
we put 

(M 


B ==i.-ze^I Ufr-} KJ:T . 
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The difierential equation thus obtained is 


dr- ' rdr 


-B^-P = 


0 . 


( 8 ) 


The general solution of this equation is of the form 


P = 


p~Br 
— - 

/• 



( 9 ) 


where I and V are integration constants to he determined from 
the limiting conditions in our special case. 

The constant F must evidently he equal to zero, since other- 
wise P would approach infinity (instead of zero) as r approaches 
infinity. The value of the constant I is determined by Debye 
and Hiickel for the two cases (i) when the central ion may be 
regarded as a point sphere, (ii) when the ion is regarded as a sphere 
of definite radius. In the former case its value is ± ve/K. This 
value follows from the fact that, when the concentration of the 
surrounding ions is negligible, so that = 0 and B = 0, the 

expression for the potential must reduce to that caused by a point 
cha^e in an ion-free medium, namely to ± ve/Er. 

This conclusion, as regards the value of /, may also be derived, 
as is done by Debye and Hiickel, from the consideration that it 
must hold true as r approaches zero, since in the region around 
the central ion the number of other ions present is negligible. 
Hence vre obtain, for the potential P at a distance r horn a positive 
or negative ion of valence — r, the expression 


P = 


— re 


( 10 ) 


From this point onwards, we may proceed in two ways. Debye 
and Hiickel employ the following method. They resolve the 
expression for the potential P into two terms as follows : 


P 


zz re 

KT 


rz ye 

~K7 


(1 


prrBr\ 


( 11 ) 


Tile fct term evidently represents the potential at the distance r 
that would caused by the central ion alone, if there were no 
surmimding ions, and the second term therefore represents the 
^tential at that distance which arises from the '' ion atmosphere, 
that is from the unequal distribution of the positive and negative 
ions in tfte neighbourhood of the central ion. This last term has 
the same value for ail small values of r, since for such values the 
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2:n 


expression in rsr-n*hv— - reduces to Br upon developing it in e 
series. But rids limiting value is aI>o tfa- potential Pq at 
distance zt:ro. and ther-fcre iL- pot^-nrial *»f the ion itself, in so 
far as tliis ari-es from its ion atmospL^^r^u Its value for an ion 
of enarire rr i' se^^n to 

P , ~ ~ vc , H K . . . . . . i l:f j 

Now tile increase in tne free en^ruy. oFh *A such an ioii wLieii 
is caused by removing it from its ion is evidt-ntly 

dF^ r-cABK ...... mi 

Hence for the rt*movaL from the induenee of xuAv ion arinospiieres, 
of ail the ions in any given r^oiuiioii. the inerea-e in the free enernv 
may evidently be found by summing the values of df ' for all the 
separate ions and dividing the result by 2 isinee otherwise the 
effect of separating any pair of ions would counted ttvicej. In 
\dew of the additivity of the free eneriw effects, we may, moreover, 
distribute this sum among tiie different kinds of ions. Thus the 
free energy increase attendinj ti.e removal of fV ions, constituting 
one uramdon. of any particular type of ion of valence v is given 
by the following expression ; it being understood that all the 
other ions in the solution are simulraneously removed, and that 
their removal is attended by other energy effects of a similar type : 

IF' ^ X.eh^B 2K (14) 

Resubstituting also the expression for the constant B given by 
equation (7), we get for this molal free energrc change on {lilution 
due to the electric forces 




\ 7i£^ . X't^ \ Z(y£ 


(15) 


We may also derive equation clol from expressions (1) to (9), by 
the following considerations, which seem worthy of presentation, 
since the treatment from a diifferent viewpoint affords a certain 
confirmation of the result, and may serve to make the matter 
clearer. 

We shall consider each ion to be separately removed from all 
the other ions in the solution, against the forces prevailing betvreen 
it and those other ions, and formulate the resulting increase in 
free energju Consider first any volume element dc. around some 
selected ion of charge — in the fonn of a spherical shell of radiii,s 
r and tMckness dr, as in Fig. 36. The volume* of tins shell will be 
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■Lrr-^r. The number of ions of various kinds located in any sucii 
volume element is given by expression (3), and the resultant charge 
upon them is given by equation (6) multipKed by the volume dv^ 
i.e. D,dv. The free energy increase dF' attending the removal of 
the selected ion from this portion of the ion atmosphere is evi- 
dently equal to minus the product of this charge in the volume ck, 
and the charge on the ion itself vs, divided by the quantity Kr ; 
that is dF' is equal to the electrical work which is done upon the 
system. Hence we have 

. . .(16) 


or. substituting the value of P given by equation (10), 


• ( 17 ) 


To obtain the total free energy increase attending the removal of 
the selected ion from all the ions, we must evidently sum the 
separate efiects for all the concentric shells surrounding it ; in 
other words, we must integrate equation (17) for values of r between 
zero and infinity. Carrpng out this integration there results, 




(18) 


From tiiis expression we may obtain the free energy increase attend- 
ing the infinite dilution of the solution or the removal of all the 
ions in it from one another. To do this, we must evidently multiply 
expression (18) by the number of ions of each particular kind 
present, sum the products for all the kinds of ions, and divide the 
result by 2, so as to avoid counting the effect for each pair of ions 
twice over. Correspondingly, the molal free energy increase accom- 
panying dilution, for any kind of ion of valence ± v, is obtained 
by multiplying expression (18) by the number N of ions in one 
gram-ion. Doing this and substituting the value of B given by 
expression (7) we obtain 




. (19) 


Ties equation will be seen to be identical with equation (15). 

If we denote by c the concentration in moles per unit volume, 
then sinee A is the number of molecules per gram-mole, Nc is 
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equal to tiie number of inyieeule? present in unit volume, ^iore- 
over k U the ua- moleeu!*^ and Sk i> the constant 

per mole. lUim-ly E. IvuLennu e i>y and kX by R in equation 
iibp vl w»' 

AF ^rr^^-SFr^sA,.,F 

K-ffr: 

111 onier tu abbiwiat- this expre^-iiai >haii ario' ,i ie?nu‘ 

0 tor the proiiuet of tn*; nutural cMistant'. ti;#' Vtilin- nf h b*‘i!iti 
found by putting n* ~ 0-142 : i? > hf : X li#-' 

and f — 4*774 in tie* 


6 


The *2o; 


;hA'“\.v/^ ... 

7*77 io‘‘- (yu.s. rniT". 

a-M'Jv?' n*^w Ms-sMjiii#'"" 


•-0 ; 


ir - 


Xn-rC 


This expression gives us the di&reiice in the free eii**rgv. as a 
result of the electric forces, of one mole of ions of valence ^ r. 
when present at a temperature T in an infinitely dilate solution, 
and when present in a solution cuntaining these and other ions at 
such concentration that the sum of the products of the concentra- 
tion 0 of each kind of ion by the square of its vahuice r is ; 

and the dielectric constant of tiie solution is K. 

It should be noted, as regards tliis dielectric cvin^tant, that we 
must employ the value of K wdiicii prt^vails in the immediate 
neighbourhood of the ions, and that this value is itreater than that 
of the solvent as a whole otsing to electrostriction. 

In the general case where X ^ gram-ions of J. gram-ions of 
B, X^ gram-ions of G, etc., are present, the free eriergc' increase 
accompanying the dilution, due to the electric forces is evidently 
given by the following expression, which corresponds to the result 
of Debye and Hiickel when the size of the ions i.s negleeteu : 




mx^^.viAc^ 


{2:ii 


X' is put for such terms as X Xfj, etc,, to avoid eoiifusioii with 
the Avogadro number A7 For the special ease that only two kind-s 



THEORIES OF STRONG ELECTROLYTES 


of ions, of equal valence r are present at the same molal concen- 
tration c. this equation reauces to 


■21F' = 


■ 2 bi--\'- 2 cv- 


( 24 ) 


or stiil more simply, for a uiii-univalent electrolyte we obtain 


2AF' = 


2b, \ 2c 


( 25 ) 


Now tills quantity is ilie free energy increase wMcL accompanies 
dilution, as a result of the electrical forces acting between the ions. 
But this is not, by any means, the only change in the free energy 
on dilution. We must consider the ordinary factor, with which 
we are already familiar, namely the transfer from a region of con- 
centration c, to a region of infinitely dilute solution where the 
concentmtion is Ce. Xow we shall assume that, but for the elec- 
trical forces act ins upon the ions, their belia%fiour in solution would 
be similar to that of a perfect gas, that is to say we could apply 
the simple gas law to the solution. Hence the free energy decrease 
accompanying dilution, from concentration c to concentration Cq, 
is. if we neglect the electrical forces, 

~ = ^RT hi c/co ( 26 ) 

and the total increase in the free energy accompanying dilution is 
obtained by adding these factors, so that 


AF: 


bZ(X'r’}\ Z{cn 


-i:rt hiA. 

Co 


( 27 ) 


Milner also makes use of the Boltzmann principle of the non- 
uniform distribution of the ions resulting from the electrical potential 
due to their attractions and repulsions. But instead of employing 
the Poisson equation, expressing a relation between potential 
gradient and s|mce density of the electric charge, he determines 
the energj' cMnge corresponding to this electrical effect, by sum- 
imng, in the case of a particular configuration of the ions, for each 
f^ir of ions which can be formed out of all those present in the 
solution, the product of their mutual electrical force into the dis- 
tance tetween them, multiplying this sum by the probability of 
the mciwtence of this configumtion, and summing for every pos- 
siMe eontiguration of the ions in the solution. The intricate char- 



THEORIES OF STRONG ELECTROLYTES 235 



that, while Deoyc aiji 5 meT].od leads to the free energr 

term corresponding to the electrieal forces, i.e. to Af\ ^lilner's 
method leads to the maximum work term XA\ As we shall show 
later, the maximum work term is two-thinls of the free ener^ term, 
so that Milner’s result agrees well with that of Dehye and Hikkel. 
Milner’s expression is 

2AA' - - RT.hMi.. where = I'rrAc) KliT 

In this equation /'^i is a funerioii for which an aluebniie expres- 
sion could not be obtained. To equate this expression with that 
of Dehye and Hliekel. namely to we inu^r put 

To show how closely this is hiMled, the values of h.j(k). calcu- 
lated by Milner for various values of h at O' C. (and therefore for 
certain values of the concentration c and the valence r), are given 
in the following table, together with the corresponding values of 
the ratio ~ h.fih) |\ This last ratio should be unity if the 
two expressions are equivalent. The concentrations C are ex- 
pressed in moles per litre. 



A. 

— h.f \h % — k 

./jAi. |y 3AS. 

0-CKK*l 

0-0559 

0-0I6S 

MOl 

0001 

0-120 

0*0525 

1-092 

0 002 

0-152 

0-0735 

1-0725 

OOCiD 

0-206 

U114 

1-056 

001 

0-259 

0-159 

1-044 

0-02 

0-32T 

U-222 

1-0275 

005 

0443 

0-345 

1-0125 

0*10 

0-559 

0-486 

1-OiO 

0-20 

0-704 

Cc672 

0-9S4 

Tlie agreement is 

very s^itisfactory 

. Milner niiikes 

a statement 

in a footnote of liis 

article (p. 575), without presentin; 

g the deriva- 
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tion, that “ it may be shown as an approximation when Ji is very 
smaii" that the expression hjiji) becomes equal to 

- = - L253V'^ 

This does nor seem, however, to accord with his computed values 
reproduced above, but it mav do so in case the ratio increases verv 
rapidly at extremely small concentrations. 

We now propose to show tiiat the maximum work term A.4' 
wliidi accompanies dilution, as a result of the electrical forces 
Iruweeii the ions. is. in fact, two-thirds of the corresponding free 
energ}" change AF'. The electrical forces will cause an alteration 
in the osmotic pressure P of the solution, of amoimt AP. That 
is AP is the difference between the osmotic pressure of the actual 
solution and that which would obtain if the solution were ideal. 

Now we lia%’e seen that a free energy' change is of the form J vip, 

f=o that we may write 

AF - j r(/(AP) (29) 

Now the concentration is expressed in moles per unit volume 
per cubic centimetre) so that V = l/c, and we may write 
trquation (29) in the form 

(/(AP) - c.d(\F') (30) 

But we have, by equation (22), 

AF 

^'1-5 JO-5 

aad if wtf replace all tlie other terms except c by the single term Cr, 
which is evidently constant for any electrolyte at a given tempera- 
ture, we obtain 

^F' = &.(? (31) 

Hence on differentiation, 

d(Af') = W.c-Kdc 

so that d(AP) = C:d{^’) = \G.cHh .... (.32) 

Integrating between the limits c = 0 and c = c, we obtain 

AP = \Cr. fe^.dc = AG.ci 


(33) 
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Xow th*- maximum work factor i?. as we have seen in an earlier 


ehaptf^r. of the 

i j>b\ so that we may write 


A.I' - iAP.d]- 

or ^ubsTitutinti r].** va 

;u*_- >.i AP givcu liy (-quatii.iu i33;. and rcplac 

mg d\ iiv its eo 

’••r.* -i.dr. 


XT' = - j lG.(r.^Jc = - IG. j e-:.* . . (34j 


which is evidently two-thirds of the %-alue of \F' given in equation 
(31). Hence we have, corresponding to equation (23), 

,, 2 6.XuY'r2)\ 


\A' 


(3r>i 


A'l'-.P- 

or for the special ea.se where only two kinds of ii.ns of equal valence 
r are present in the solution 


■>XA-- 7^^’" 
■ ' 3- A'>=r<' - 


(30) 


It will be of intereibt. before proceeding to the ealcuktioii of tlie 
osmotic pressure of tiie solution as a result of these inter-ionie 
forces, to determine what changes occur in tlie total interna! energy 
V. and the heat content H of the system, corresponding to these 
quantities AF and AJ. We may calculate AF from AJ directly, 
by means uf tlie familiar Gihbs-Helmholtz equation, viz., 

£/- AJ[\ _ m : 

Now we have, by equation (34). siibstitiiting the value for G and 
dividing through by T, 

lA 


Differentiating with respxt to T we ubtaiu 


L 

df 



-:1b Zer- 




- 1 -5A-2-r- 1 -SA-i = 


* 
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Hence we Lave 


Yf' = 


V2 (IT - ) 


Zcr-/T,dK 

\ jTdT ^ ) 


\kJT / 
b/\ lcr-/Ul hi K __ 

li^^'^^KThTl " ) 


If tile dielectric constant were independent of temperature. 


d In K 


din T 

would be 2 ero so that the factor in parentheses would become unity 
and we should have 

, br^\ ^ _ 

~~ 


The best available measurements, however, over a wide range of 
temperature, of the dielectric constant of water, are those of Lili 
KcK^kel {Ann, PkysiL, (4), 19*25, 77, 417-18). Between 10" C. and 
100" C., his results may be represented, within the limits of experi- 
mental error, by the equation. 

A' = 400,000 (39) 

Below 8’ C. the relation is less simple, as would be expected. 
Difierentiating equation (39), we have 

dK = - 1*5 X 41X1,000 T--\dT 

so that 

dK _ _ 1-5 X 40O,0O0r“2-5 
K 40();000r-i^ * 

- - ho.dT T 


or 


d hi K _ . . 

d In T 


Substituting this value in equation (37), we obtain 
* r- _ — 0*5 frj’^VScr- 

£15J05 * 

In otber wonis, when account is taken of the temperature coeffi- 
cient of the dielectric constant of the medium a value of AV is 
obtained, in the case of water, which is half as large as, and oppo- 
site in sign to, the corresponding value of the free energy change AF 

AU = ~ lAF (40) 
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and if we substitute the Vdliie of the tenipemtiire eoetfieieiit itiveii 
above for the ease of water, w*;* obtain 


...... (42) 

MH is, of course, the heat absorbed duriiiu dilurion as a result of 
the electrical forces. 

We may now attempt to determine the o-moric effects of these 
electrical forces, it is evident that they will act in such a way 
as to reduce the effective osmotic pre.-sure. i.e. the observed osmotic 
pressure will be less than that which would be exerted by an ideal 
solution. We may adopt either of two methods. 

The first of these has already been followed in deducing equation 
(33). Applied to the ease where we have two types of ions of 
equal valency v, this ecpiation becomes 


2bv‘C\ 2cr- 

3; 5 JO 5 


(43) 


Hence the osmotic pressure of a solution of concentration e will 
be given by 


P = P. 


1 by-c\ 2c r- 
3 


(44) 


where Pq is the pressure which would be exerted if the solution 
were ideal. But we may write, for an ideal solution Pq 2RTc 
(since there are two ion t\'pe.s). so that 


P = 2RTe 


2 6r-c\ 2e? - 


(45) 


or, for the general case 

P = RTLc - 




(46) 


The second methai de;^nds upon the application of Kinetic 
principles. We employ the virial equation of Clausius 5 namely, 

PF = - P(/./) (47) 
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In this equation. Yf/.r), called the viiial, denotes the sum for all 
the pairs of ions in the volume V of the solution, of the force / 
between the ions and their distance r apart. The equation was 
originally put forward to represent the behaviour of a gas. In the 
case of the ions of a solution, if we assume its applicability the 
force / is of the form X so that f.r = X >, The virial is evi- 
dently the difference between the free energy which the molecules 
possess ill a perfect solution and that which obtains in an actual 
solution- This is. however, the quantity AF calculated by Debye 
and Hiickel. Hence we have, if we write 2RT for for the 

ease where two types of ions of the same valence v are present 


PV = 2RT 


1 

3 


(48) 


If, now, we substitute the value for V = 1/b we obtain 

2 hcv-V '2cv“ 

3 


P = 2RTc 


which is identical with equation 45, so that the two methods are 
seen to vield the same results. 


Deduction of an Expression for the Activity Coefficient of 
the Ions. It is manifestly of great interest and importance to 
relate the equations of Debye and Hiickel to the earlier concept 
of activity. This may be done very simply as follows. AVe 
have seen, by equation 27, for the transfer of a single gram-ion 
from a solution of concentration c to an infinitely dilute solution, 
that the free energy change is 


~AF = RT In c Co - 


br-Vcv- 


(49) 


But, by our definition of activity, it is evident that the decrease 
in free energy due to the dilution is represented by the equation 

-- XF = RT In a/un 

where u and are the activities in the solution and in an infinitely 
dilute solution respectively. But if y is the activity coefficient of 
the ion m the solution at concentration c, then yc is the activity. 
In the infinitely dilute solution the activity is equal to the con- 
eentration Cq, so that the free energy decrease is given by 

— AF = RT In yo/c^ (50) 



:i4i 
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Combining equations and we f4.tain 

RT h-. yc r = RT h‘ c f - 

A'" 

Hence the activity coeiti-i^-nr i- irivn-n r»v *^s^ua*i‘ui 



0>-\ < r- 
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1 fiinetiMii fur a 
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id B .ire 


i 

at M 1 

(53 1 

If 

o-:^57\ Xcr- at 25^ 

r. : 


A. A. Xoyes {J. Awtr. Ch^m. Sf>c., 1924. 46, lu98i has subjected 
the theory to a fairly thorough experimental examination assuming 
complete ionization of the substances, first with the aid of the 
values of the activity coefficient derived by Lewis and Randall 
from freezing-point data and electromotive force data : and second 
with the help of activity coemeienTs derived from most of the 
suitable series of solurdlity-efiect measurements existing in tiie 
literature. 

The numerical factor of \ must rt'garded as uiieertain 
for the following reasons : (1) the dielectric constant pxevaiiing 
in the immediate neighWorhood of tlir ions, wliieli is the one 
theoretically involved, must l>e considerably greater than that of 
the water as a whole ; (2) the size of the ions which has been 
neglected in the calculation, has an effect which becomes appre- 
ciable at fairly small concentrations. Both these factors operate 
in the same Erection and lead us to expect that the numerical 
factor will be considerably less than that calculated by equation 
(53) corresponding to the equations of Debye and Hiickel ; and 
it seems probable that a better expression of the theory may be 
afforded by adopting a value for the numerical factor, say five- 

I.T. B 
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sirt.Ka as large as that given. Doing- this we may write for the 
solvent water at O' C. and 25° C. the following values of the activa- 
tion function of equation (53). 

0-288VSc)'“ at 0° 0. and 0-298 VEcv" at 25° C. . (54) 

The following are some of the results given by Noyes {he. eit). 
At the head of each group, in the rows designated Theory (Eq. 53) 
and Theory (Eq. 54) are given the values of the activation product, 
as calculated hy equations (53) and (54) respectively. 

Expesimektal akd Theoeetical VaIiTjes OE THE Activation Pkoduct 

COMPAEED. 


Cone, in Moles per 1,000 grams Water. 


V alenc 

e 

TemP- ' 






Tj’pe 


^ ouo^L<iricc« 

U-Ol. 

0-02. 

0*05. 

0-10. 

o-so. 

1 X 

1 

25 ' Theory Eq. 53 . 

1 

0-792 

0-720 

0-594 

0-480 

0-254 



1 Theory Eq. 54 . 

0-823 

0-761 

0-650 

0-542 

0-421 



^ HCl , 

0-854 

0-801 

0-740 

0-662 

0-612 



LiCl. . . . 

0-852 

0-799 

0-711 

0-647 

0-600 



. SaCI . . . 

0-852 

0-799 

0-710 

0-639 

0-568 



KCl .... 

0-852 

0-799 

0-706 

0-630 

0-561 



KOH . . . 

0-852 

0-799 

0-706 

0-629 

— 

1 ;; 

1 

0 Theory Eq. 53 . 

0-799 

0-728 

0-604 

0-491 

0-366 



Theory Eq. 54 . 

0-827 

0-768 

0-658 

0o52 

0-433 



KXOl . . . 

0-841 

0-770 

0-652 

0-537 

— 



AgXO^ . . . 

0-816 

0-735 

0*613 1 

0-523 

0-429 



KlO^^SalO^ . 

0-780 

0-707 

0-586 

0-472 

— 

2 X 

1 

0 Theory Eq. 53 . 

0-557 

1 0-436 

0-271 

0-157 

— 



Theorv Eq. 54 . 

0-614 

0-501 

0-336 

0*214 

— 



BaCU . , . 

0-607 

0-530 

0-429 

0-355 

— 



. . . 

0-571 

0-481 

0*359 

0-273 

— 

2 >: 

2 

0 Th^iy Eq. 53 . 

0-406 

0-279 

0*133 

0-058 

0-018 



Theorv Eq. 54 . 

0-472 

0-346 

0-187 

0-093 

0-035 



MgSd^ . . . 

0-405 

0-322 

0-227 

0-166 

0-119 



CuSO^ . . . 

0-405 

0-322 

0-216 

0-158 

0*110 



CdSO^ . . , 

0-405 

0-324 

0-221 

0-160 

— 

3 X 

1 

0 Theory Eq. 53 . 

0-332 

0-210 

0-085 

0-031 

0-007 



Theory Eq. 54 . 

0-339 

! 0-272 

0-128 

0-055 

0-016 




0-474 

1 0-388 

0-286 

0*224 

! 0-176 


Owing to tke uncertamty, referred to above, as to tbe exact 
tkeoretical value of the numerical factor in equation (53). a more 
satisfactory test of the theory is obtained by plotting the values 

of — hg ' ' ' as ordinates against the values of 

V" 
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as ab>eissa^. Along tLe lower side of the plot are nivea the corre- 
sponding Talue.' of the ion:- -tri-ngih Th*/ th^'oreticai values 

of the aetivarivn funv^is n. corn--p n linn te thtr form of equation 
fo3|. ar 25 i\. d^own by the iMWrr of two liroken straight 
line- : and the valu-s fjorro-prcalinn to a faetJ^r rwo-thirds as large 
are siiown by tae nppt'r oroien ^tiaiaht line. The Yalnes required 
by equation tod) would lie in between ihe-r. 

The Theory, as expressed by equation '53;. evidriitlv requires : 
(1) that these graphs be straight lines for all salts : that iliey 


02 0-3 0 - 4 - 0-5 0-6 



Actiyatiox Values iroivi FsEEZixa-roiNX and ELErTHsoD>TivE D\ta 
'From A. A. Xop's.i 

coincide for different substances of the same valence tyjK* ; (3| that 
they coincide for substances of different valence t\q>es : and (4) that 
they have the slope corresponding to the factor (c34d at fr C. and 
0-35T at 25^ C. ~ 

The m*st requirement, that the graphs be straight lines, i.e. that 
the logarithm of the activation prcxiuct proportional to the 
square root of the concentration, is evidently well fulfilled for all 
the iini-iinivalent siibstanees. up to an ionic strength of 0*05 MokI, 
and for all these substances except hydrogen chloride and lithium 
chloride, up to an ionic strength of OT M. The principle does not 
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seem to be obeyed so closely by the salts of higher valence 
types, but the accuracy of the results is hardly great enough 
TO decide. 

The other requirements are only approximately fulfilled as tvill 
be seen from a study of the graph. The general conclusions of 
A. A. Xoyes may be summarized as follows : Even at fairly small 
concentrations difierent salts of the same valence tt^e show con- 
siderable variations in the values of their activation product, instead 
of giving identical values as required by theory. Thus at 0*05 M. 
the nine uni-univalent but chemically very different substances, 
whose activation products have been determined, have activation 
products varying from 0-59 to 0*74 : and the two uni-bivalent 
salts, barium cliloride and potassium sulphate have the products 
0*43 and 0-3G. Nevertheless, the results considered as a whole 
with respect to the functional relations predicted, and even with 
respect to the average value of the numerical coefficient, are strik- 
ingly in accord with the requirements of the theory, as shown by 
the following statements. 

As required by equation (53), for nearly all the single substances 
up to ionic strengths of 0*05, and often of OT M. the logarithm of 
the activation product is proportional to the square root of the 
concentration of the substance, and therefore, when plotted against 
this quantiry, it gives a linear graph. Moreover, the effect of the 
valence of the ions is, in general, that predicted by the theory, as 
is shown by the fact that the uni-univalent, uni-bivalent and bi- 
bivalent substances (as also one uni-tervalent substance), all give 
gmplis of the logarithmic activation function against the quantitv 
which lie within a narrow sheaf — one no wider than that 
including the various salts of the same valence type. Finally the 
average slope of the curves for all the substances corresponds 
approximately to a numerical coefficient having a value of about 
five-sixths of that given by the theorv. 

This and subsequent work has shown conclusively that the 
limiting equations obtained by Debye and Hlickel do give a correct 
account of the behaviour of electroljiies at high dilutions. We 
shall now consider the various suggestions which have been advanced 
for tne ease of salt solutions at higher concentrations. 

Th^ries of Concentrated Salt Solutions. It has been known 
for some tune that as the concentration of a salt solution is increased, 
the activity cc^fficient at first decreases in the range of dilute 
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solutions, passes tiirouah a minimum value and then rapidly increases 
again. Earned and his eo-work-rs have made a careful study of 
this piienomenon : Hari^-d. J. Ckeia, Sc^., 1925, 47, 676. 

684, 6r>9. 93^^ : 1926. 48, 126. The table on page 215 illustrates 
this behaviour of Ti.e activity eoettieient admirably, for the case 
of sOiliuni airi potas-iiini hydrftxidv-- 

Now the theory of Debye aiid HlkkeL which, as we have seen, 
gives a fairly accurate reproduction of the behaviour of very dilute 
solutions, im'olves se\^ral physical assumptions, viz. : 

|i) We assume that all forces other than Coulom!> forces between 
the ions can be neglected. 

(ii) We assume tliat correct io!is fc^r the overlapping of the ionic 
atmospheres can In* neglected. 

(iii) The solvent between tlie ions is regardeii as behaving like 
the pure solvent in bulk. 

The first assumption iinpiivs that the theory is strictly applicable 
only to an electrolyte which is completely ^lissociatod into point 
ions. As the solutions become more concent rated, however, it is 
no longer legitimate to neglect the size of the ions. Now. the ionic 
dimensions will be equivalent to a force of repulsion 1x4 ween them, 
.since they prevent the charges coming together. But the inter- 
ionic attraction acts in the direction of a decrease in the activity 
coeflScient. so that the ionic size will tend to increase the activity 
coefficient. Debye and Hiiekel have made allow'ance for a distance 
of closest approach of the ions. They obtain tlie following modified 
form of equation (52) 


Jof] y ~ 


U'SoTrH V- 

1— T. ver- 


• ( 55 ) 


wffiere A is a constant which is related to the "apparent ionic 
diameter," or the mean value of the distance a within which one 
ion may approach another, by the equation 

A == 0*232 X X (f i56i 

The constant A differs for different electrolytes, but it was found 
to be of the right order of magnitude. Equation (55) is a con- 
siderable improvement on the simpler equation (52) for solutions 
fnjin 0*005 to 0-1 molal. It dtws not, however, account satis- 
factorily for the behaviour of more concentrated solutions. In 
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fact, it was subsequently shown by 0. Scbarer {Physihal, ZeiL, 
1924, 25, 145 ; A., 1924, ii, 455) that experimental values for this 
additional constant A are negative in the case of dilute solutions 
of thallous chloride in dilute aqueous thaUous nitrate. The reason 
for this anomaly is the neglect of terms other than those of the 
first order in the derivation of equation (3), since these terms become 
significant at concentrations where the effect of the ionic size is 
important. The Debye-Hiickel theory does not therefore lend 
itself readily to quantitative extension on this basis, to the case 
of concentrated solutions. 

The imphcation that the electrol 5 rte is completely dissociated 
into ions has also received consideration. Debye and Hiickel 
assume not only that the ionization of the electrolyte is complete, 
but that the resulting ions are feee, i.e. that no electrical association 
occurs. Bjerrum (Kgl. DarnTze, Videnshibs. SelsJc. MatJi.-fys. 
Medd, 1926, 7, (9), 1) has investigated the problem of ionic 
association. Ions of opposite sign which have approached one 
another to such an extent that the work necessary to separate 
their electrical charges is greater than four times the mean kinetic 

energy per degree of freedom regarded as associated. 

The net external electrical effect of such a combination will, of 
course, be zero, i.e. the ion pair wiU behave electrically hke an 
unionized molecule. Bjerrum calculates the number of such ion 
paim by employing the Boltzmann principle and the thermo- 
dynamic law of mass action in terms of activities. To the remain- 
ing *■ free ions he applies the original Debye-Hiickel theory. 
He expresses the probability of association as a function of the 
distance between the ionic charges, and finds that the probability 
first diminishes, then passes through a minimum and finally in- 
closes as the distance between the ions is decreased. It follows 
that the minimum ^ociation will occur when the sum of the 
ionic radii of positive and negative ions is just equal to the dis- 
tance corresponding to the miriiTTmTu probability. With either 
larger or smaller su ms of the ionic radii greater association would 
be ex|^-ted. The amount of ionic association also depends upon 
the Mud ol ion under consideration. Thus the symmetrical, noble 
gas tyj^ ” of ion has a smaller tendency to combine electrically 
witii lithium or senium ions than the unsymmetrical hydroxyl ion. 
Tne values for the ionic radii obtained by Bjerrum are certainly 
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more plausible than those obtained from the extension of the 
Debyo-Huehe: theory when no reprd is taken of the higher order 
terms. The question is ou'cnred. however, by the fact that the 
ions are surrounded by a soivent sheath and this will undoubtedly 
have an eneer upon the degree of association. 

H. diiiller tPI^.ibiL Ze^C 1927. 28, 324: 192S. 29, 7S) and 
T. H. Gronwal! (Proc, 'Sat. Ama. Sci.. 1927, 13, 198) have 
recently considered the eneet of the size of the ions upon their 
activity eoeScients and Gronwali. Lamer, and Sandved [Phi/sikaL 
Zeit., 1928, 29, 35S| have carried out a solution of the fundamental 
equations of Debye and Htickel as far as terms of the fifth order, 
for the case of binary electrolytes. Their results give values for 
the ionic radii which are perhaps more plausible than those of 
Bjerrum, without any assumption of ionic association being 
employed. 

R. H. Fowler (Siatisticid Mechanic?. 1929) while investigating 
the second assumption of Debye and Htickel, that the corrections 
for overlapping of the ion atmospheres may be neglected, showed 
that the neglect of higher order terms is equivalent to assuming 
that the potential energt' of an ion, due to the field and atmosphere 
of another ion is small in comparison with its kinetic energy of 
translation. The overlapping of the ion atmospheres may, under 
these conditions, be safely neglected. Gronwali, Lamer and 
Sandved (loc. cii.) also confirm the ^iew that there is greater 
probability of finding an ion in a region where its potential energy 
is great compared its kinetic energy, than would have been 
predicted by the theory of Debye and Hiickel. As a result the 
radius of the ion atmosphere, namely 1 B of equation (12)/ will 
be reduced, and the properties of the solution so modified that, 
if compared with the simple theory of Debye and Hiickel, the 
electrolyte will appear to be incompletely dissociated. Kramers 
(Proc. K. Akad. UVetensch. Amsterdam, 1927, 30, 145) showed that 
for aqueous solutions of uni-univalent electrolytes the neglect of 
the higher order terms is permissible, in the deduction of the 
potential due to the ion atmosphere, for solutions below O-OlAb at 

^ I B is sometime termed the radius of the ionic atmc^phere, since by 
equation (12) the potential Pq, due to the ionic atmc^phere, acting on an ion 
is given by Fq = veB./K. But the potential at distance r due to ehm:ge ve 
is, in a m^um of dielectric consteat K, Pq = ve/Kr, so that the ionic atmo- 
sphere l>ehav^ as though it were a sphere of radius r — 1/B. 
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25° C.. for solutions in methyl alcohol, which has a lower dielectric 
constant, the limiting value is iH/600. This is in agreement with 
the experimental results. 

As regards the third assumption of Debye and Hiickel, namely 
that the solvent between the ions behaves like the pure solvent 
in bulk, the use of the macroscopic dielectric constant of the 
solvent has been justified by Debye and Pauling (/. Amer. Chem. 
Soc., 1925, 47, 2129) for sufficiently dilute solutions. The effect 
of stronger solutions of electrolytes on the polarization and dieletric 
constant of the solvent has been investigated by Hiickel {Phjmh. 
Zdt,, 1926, 26, 93). He shows that when the solvent is more 
polarizable than the ions, there arise, in addition to the Coulomb 
forces, forces of repulsion between the ions, which result in an 
increase in the activity coefficients, eventually above unity. More- 
over, the change in the dielectric constant with the increase in the 
concentration of the electrolyte makes the self-potential of the 
ion, which was neglected in the simple theory of Debye and Hiickel 
for very dilute solutions, appear as a significant quantity in the 
region of more concentrated solutions. Since the dielectric con- 
stant decreases with increasing concentration of the electrolyte, it 
follows from equation (51) that it will tend to increase the activity 
coefficients. This is in qualitative agreement with experiment. 
HiickeTs equation is as follows : 


logy = 




1 — Av^^ 


-r BV ci^ — log (1 -r Re) 


The last term is merely employed to convert hgf to log y, where 
/ is the mean activity of the electrolyte divided by its mole 
fraction. The important term is the linear one BVcv^, where 
B is a consent. This term was derived from theoretical con- 
siderations which involve the change in dielectric constant with 
change in concentration. It was deduced on the basis of the 
assumption that the dielectric constant varies linearly with con- 
centmtion. This equation has been tested by Hiickel, Physik. 
Zeit.^ 1925 , 26, 93 : Scatchard, J. Amer. Gh&m. Soc,, 1925, 47, 
: Hamed, ib., 1926, 48, 326 ; Hamed and Akerlof, Physik. 
Zmt., 1926 , 27, 411 ; Hamed and Douglas, J. Anwr. Chem. Soc., 
1926 , 48, 3C^5 ; Luca^, Z. phys. CJmn., 1926, 121, 254 ; Hamed, 
J. AmeF. Cke»i. Sm., 1929, 51, 416. 

Tne following show some of the results obtained : 
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Xuf K 






• -i*. 

V 5 -ale. 

i 



iGSH.il 

0*966 

0*965 

iiG«}5 

1 iAr2^ 

n-92!* 

imn.i5 

t^■92^ 

0*928 

i^Oi 



0*0 i 

0*lKs3 

0-9n3 

U-05 



sj-05 

si*S21 

ss-819 

0*1 

U-70H 

tG795 

0-1 

U-77S 

0*775 


OTHH 

U-766 

0*2 

ij*732 

0-72!* 


0*757 

0*757 

s»*5 

0*67?s 

0*67> 

1-0 

irslO 

0*^1 i 

1*M 

0*656 

sj-65.8 



o-s96 

1*5 

s s-ii5S 

i.t*tH>2 




2*0 

sK>7(s 

0-(>74 




2*5 

t i'OlM > 

0*692 




3*s» 

si*7i4 

SJ-7I5 




3*5 

0*749 

ss-739 




4*ss 

ss*77*9 

0764 






S‘inU. 



V ■ 

: 


'i 

-v caii'. 

U-01 

0-729 

0*729 

0-0053 

0*932 

0*925 

002 

0*662 

0*664 

(1-01 

0-901 

0-901 

O-Oo 

U-571 

0*575 

■ 0-0202 

0*862 

0*869 

U-UT 

0-54O 

0-543 

: U*U526 

0*805 

0*813 

0-1 

0*512 

0*512 

0*10^1 

0-757 

0-764 

0-2 

0*465 

0*463 

0*1934 

0*732 

0-730 

0-5 

0*427 

0*431 

0-3975 

0-699 

0*686 

0-7 

0-427 

0-43ti 

0-S07 

0-6(54 

0-666 

1-0 1 

0*449 

0*454 

1*020 

0*666 

0-670 




1*517 

0*694 

0-695 




2*024 

0*728 

0*734 




3*1 

0*b2 

0*85 


The values of the constants A and B and also of a x ICt® are given 
in the following table ; 


Electruiyte. 

-t. 

U. 

Cl X HX. 

HCl . 

0-94CS 

0*0713 

4*0-5 

XaCl . 

0*840 

0*0320 

3-62 

SrCh . 

1-018 

0*03 

4*39 

XaOH 

0*66 

0*05 

2*87 
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The value of the constant R is 0-018 x where x is the total number 
of ions into which one molecule of the salt ionizes. 

It will he observed that there is quite good agreement between 
the experimental values of the activity coefficient and those calcu- 
lated on the basis of equation (57). The maximum deviation in 
the case of hydrochloric acid, in the concentration range from 
0*001 to 1 molal is 0-24 per cent., and in the case of sodium chloride 
from 0*001 M. to 3 M., it is 0*6 per cent. The calculation in the 
case of strontium chloride is an average one for a bi-univalent 
salt, and the experimental values are not so accurate. 

Although the linear term, BVcv’^, in equation (57) was derived 
from the assumption of a linear variation of the dielectric constant 
with the concentration of the solution, the existing data ^ on the 
dielectric properties of salt solutions show a variation with con- 
centration of quite a diSerent order of magnitude from the ones 
fitting Hiickers calculations. Thus Gronwall and Lamer {Science, 
1926, 64, 122) find that the dielectric constant of solutions of 
electrolytes begins by increasing from 50 to 100 times more rapidly 
than Hiickers expression indicates. It soon reaches a minimum 
value and then starts to increase slowly, until in very concentrated 
solutions it is considerably larger than the value for pure water. 
It is probably better, therefore, to regard the linear term in 
equation (57) as empirical, especially as the dielectric constant is 
certainly not the only factor to be considered. 

Finally, it is necessarv' to consider the question of the solvation 
of the ions. This has been discussed from several different points 
of view and an excellent bibliography and review of the work up 
to 1922 is given by Fricke {Zeit EhUrochem., 1922, 28, 161). The 
general conclusions are : (a) that the hydrogen ion is in all proba- 
bility definitely associated with one molecule of water, giving 
the ion This is based on the evidence of Goldschmidt 

(Zeit. phys, Cheni., 1924, 114, 1, and earlier papers), Fajans {Natur- 
■wi&mmch., 1921, 9, 733) : Bronsted (J. Phys. Chem,, 1926, 30, 
777) and others ; (b) that as regards the other ions there is con- 
siderable evidence for solvation from measurements of transport 
numbeira. Unfortunately transference measurements are incapable 
of givh^ us the degree of hydration of individual ions. They 
only yield the algebraic sum of the effects due to the separate ions. 


1 Walden, Ulicii aiid Wemer, Zeit. plujs. Ckem., 1925, 116 , 261, 
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and some assumption is necessary in order to calculate the actual 
hydration numbers. Up to the present no reliable method of 
obtaining these numbers is available, the values calculated hitherto 
Tarring with the exi^rinientai method employed and the speeihe 
assumption made in the calculation. 

BJerrimi in 192^. before the method of Debye and Hiickel had 
been elaborated, arr-mpred to ealeiilate ionic hydration values 
from activity data in concentrated solutions fZ. amrg. Chem,. 
1920, 109 , 275 i We may pmceed as follows : Let us consider 
the dissociation of a uni-univaiem: electrolyte AC to be represented 
by the equilibrium 

CA^C’ -A-', 

The Ostwald dilution law in the thermodynamically correct form 

2.S 


^^2 

where a^, aiida2nre the activities of the ions C"', A^ and of 
the undissociated molecule respectively. As in the preceding 
chapter, we shall take the value of F to be unity and viTite 


Let us now assume that the cause of the divergence of strong 
electrolytes from the simple law of Ostwald in terms of concentra- 
tions is due to the hydration of the molecules. We have the follow- 
ing equilibria in the solution of such an electrolyte : 

(i) AG ^ C~ - A~ 

(ii) C~ -7i,HG^C^.fiHJ) 

(iii) A- -r jM/J ^ A~ .jHG 

where G~ .hHJJ and A~ AEG are the ion hydrates. Denote by 
a^., and a. the activities of the water molecule, and the two ion 
hydrates respectively. Combining the three equations we obtain 
for the equilibrium constant K' the relation 


K' 




(58) 


If as before we equate K' to unity we obtain the equation 




cu = a . ./L 


159) 
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Bjerrum assumed complete dissociation of the electrolyte and 
calculated his activities from electromotive force data. Taking 
logarithms of (59) vre obtain 

I-og .a_ — log — {h + j). log . . . (60) 

Substituting actmty coefidcients 

Ih ! ‘1 

log yc = log y'c - log a,, . (61) 


wliere y' is the square root of the activity coefficient product of 
the hydrated ions. Now the activity of the water is equal to 
p/pQ the ratio of the vapour pressures, so that equation (61) 
becomes 

logy log y' log ^ (62) 

111 very dilute solutions the second term of the right-hand side 
becomes negligible since p/po approaches unity. Hence in dilute 
solutions we have 


log y = log / = 


PQii' -f 1) 

2*303.'nX7>^ 


(63) 


by equation IX (71). This equation was employed by Bjerrum 
to calculate the activity coefficients of various electrolytes when 
suitable values of {h ^ j) are substituted. The following table 
gives some of the results obtained for the halides : 


HCL KCl. , NaCL | LiCl. 


e 

: {k-jl 

i = 11 

-rj) 

= 4. i 

1 

j (A -M') = 6. 

1 

(A a- j) = 12. 


: ub^. ■ 

1 L'ljIi*. 

y Obs. 

7 Calc. ■ 

' y Obs. : 

: 7 Calc. 1 

! 

i 7 Oba. , 

! 

7 Calc, j 

i : 

iH)l 

0024 

0-924 

0-903 ; 

j 

0-898 i 

0*906 

0*906 

0-922 

0-920 

0-05 

O-SM 

0-857 

0-816 

0-821 1 

0-834 

0-833 

0-843 

0-849 

0-1 

0-814 

0*825 

0-779 

0-775 

0-792 

0-791 

0-804 

0-812 

0-5 

0-762 

0-767 

0-659 : 

0-654 : 

0-682 

0*682 

0-754 

0-738 

1-0 

0-82S 

0-8^ 

0*613 

0-592 j 

0-652 

0-652 

0-776 

0-784 

2-0 

h(m \ 

CM86) 

0-566 ; 

0-559 i 

0-672 

0-679 

0-936 

i(l-14) ' 

3-0 

1-35 

U2-io) 

0*575 i 

0*567 

0*722 

(0-781) 

1-20 

(2-13) 
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The agreement betweeii 
very good as far as 1 M. 
acid and as far as 2 nioial fo 
chloride. It is evid^^ntt ri 
aerivitv coerheients. i.e. lii 


Le observed and calculated values is 
tr lithium chloride and Iiydroehlorie 
yiium ehiorkie and 3 JL for potassium 
the theory :iive> rla* trend in the 
a deerea>*/ to a minimum value fol- 


lowed by an increase n J % t-s ubssve unity. Forth-r applif'ations 
oi tills Theory are to be lound in the paner*- of Schreiner. Z. 

CAem.. 1921. 115 , 181: 1921. 116 , Vcl: 1922. 121 , 321. Tin- 
theory is consequently of considerable interest, akhouuh littie 
importance can be attached to the actual hydration values c^mpiuyed. 
and it probably gives us a qualitative account of the reasons for 
the trend in the activity coeftieients in the reuion of concentrated 
solutioms. 


This method assumes hydrates of definite eoinph-itioiL i.ec 
probably chemical compounds. It is not, however, nec'essary to 
assume that the valencies aetualiy play a part in the hydration. 
When a salt dissolves in water, tlie volume of tht? sedution 
normally less than the sum of the volumes of the water plus xh‘ 
salt, and the diminution in volume is greattu*. for a given amount 
of salt, the more dilute the solution. This contraction on soluti*ui 
is known as electrostriction. It is attributed primarily to a 
contraction of the water owing to the attractions of the water 
dipoles by the ions. 

Webb (J. Aiuer. Chtm. Soc\, 1926, 48 , 2589) obtained an exprei^ion 
for the free energy change accompanying the hydration of a chemi- 
cally unhydrated ion, as a function of its radius, by calculating 
the difference in energy necessary to charge the ion in a vacuum, 
and that necessary to eliarge the ion in water and to compress the 
solvent in the vicinity of the ions. He took account of the fact 
that the dielectric constant of a molecular medium is not con- 
stant in the neighbourhood of the ions. He also calculated the 
partial molai volume of an ion at great dilution, as a function of 
its effective radius in solution, allowing a correction for the eleetro- 
striction effect. The solution of the two resulting equations, which 
mav be obtained in the case of an electrolyte for which the free 
energy change of hydration and the partial molal volume are known, 
gave the radii of the individual ions, and hence the free energy 
change accompanying the hy’dration of those ions. His values are 
given in the following table : 



■25i 


THEORIES OF STRONG ELECTROLYTES 


Ion 

. . Aa 

K 

Bh 

Cs 

F 

Cl 

; ^ 

Radius 

T505 

1-S73 

2-02 

2-19 

1-75 

2-238 

! 2-382 

JF . 

. . 99 

Si *9 

76-9 

71-0 

87 -0 

70-1 

66-2 

Ion 

. . I 

H 

-io 

Tl 

Zn 

Cd 

Hg 

Radius 

. . -i m 

< 0-5 

1-57 

1-96 

1-04 

1-15 

Ml 

JF . 

. . 61-0 

249-6 

95-5 

7S-6 

525 

473 

486 


The radii are given in Angstrom units (1 A. — cms.) and the free 

energy changes in kilogram-calories per mole. 


It is interesting to note that the values obtained for the ionic 
radii follow the same order as those given by Bragg (Proc. Roy. 
Imt. Gl Brit., iir, 1925, 24, Xo. 119, 614) and by Wasantjerna 
{Soc. Scient Fenn. Comm. Math.-Phys., 1923, 1, 38) for the radii 
of ions in crystals : moreover, the difference is roughly constant, 
the effective radii of the ions in solution being about 0-47 A. 
greater than those of Bragg for radii in crystals. If these values 
for the ionic radii are approximately correct it is evident That the 
mean free paths of the ions must be extremely small. Webb 
concludes that the values of the free energy change accompanying 
livdration are sufficiently accounted for by the electrical effects, 
in all cases except that of hydrogen. Consequently he considers 
that the hydration of ions other than the hydrogen ion is probably 
physical and not chemical. 

We have already mentioned that as a general rule a considerable 
shrinkage in volume, known as the electrostrictive effect, accom- 
panies the solution of an electrolyte. This is not always the case, 
however, since the volume of a solution of lithium iodide is actually 
greater than the sum of the volumes of the salt plus the water. 
Baxter and Wallace (J, Anier. Chem. Soc., 1910, 38, 70) showed 
that the water volume in concentrated halide solutions of a given 
molality manifest the following order : 

^ Lil ^ ^ LiBr^ ^LiCl ^ I ^ ^ ^ NaCl ^ 

^KBr^ ^KCl 

This is exactly tne order of the activity coefficients of the solutions 
of th^ el^trolyt^ at the given molalify. Moreover, it is exactly 
the Older obtained for the dissociation of water itself, into 
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and OH' iOT^<. in tn^ uf rnnie at the ^iven concen- 

tration. 

Thi< markedlj paralld Lehavi»:.nr in extr^rKiely ^significant and 
to indieare that ::.e of rn^ solvent is of fundamental 

impunance in iiit^rpr»*:ina rne tr^ool of tL- activity coefficients in 
strong solutioiis of rleetrolytes. Tii- liniitiiig tLeory of Drbye and 
HiickeL wkieh only takes account of tne inter-ionic attraction, 
leads to the view that the activity coeffieient of all electrolytes 
decreases continuously tvith increasing concentration. Qualita- 
tively the influence of hydration is an increase in the size of the 
ions, together vrith an increase in the elective eoncentration of 
the ions owing to the removal of the water. Both these effects 
are in the direction of an increase of the activity coeffieient- They 
are represented to some extent liy the constant A in HiickeFs 
eqmition (equation (57)). Harned and Douglas (-7. Amer, Chm. 
SoG., 1926. 48, 3095) also consider that polarization occurs by the 
deformation of the solvent molecules, owing to the electrical field 
of the ions. This will have the efiect of reducing the attractive 
forces betw'een the ions, i.e. it will act in opposition to the effect 
considered in the simple theory of Debye and Hiickel, with the 
consequent increase of the activity coeffieient. This theory is in 
accord wdth the obser%’ed order of the electrostrictive effects, 
mentioned above. Lithium iodide, which causes an expansion in 
the water inolecules, causes the greatest dissociation of these 
molecules and also possesses the highest acti'rity coefficient. More- 
over, this theory does not necessarily conflict with the equation 
of Hiickel, where the linear term B\ cv- is introduced to allow* for 
the change in the dielectric constant of the medium with con- 
centration. Harned suggests that it is probably this polarizing 
influence of the ions of the electrolyte on the solvent molecules 
which causes the change in tiie macroscopic dielectric constant of 
the medium. 

Calculation of Conductivity of Solutions. Debye and 
Hiickel have further applied their theory to the calculation of 
the conductivity of strong electrolytes. The problem presents 
greater difficulties than the calculations of actmty, osmotic pressure, 
etc., since we are dealing, in eonducthity measurement.'?, w*ith ions 
in motion. 

The kernel of the theory of Debye and Hiickel is contained, as 
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we have seen, iu the fact that there are, on an average, surrounding 
anv given ion in a solution, more ions of unlike than of like sign. 
These neighbouring ions have been referred to as the ionic 
atmosphere. Xow let us consider the effect of an applied electro- 
motive force, resulting in the passage of a current of electricity 
through the solution. In an infinitely dilute solution the ions 
attain a velocity which is just balanced by the mechanical resistance 
of the liquid medium. 'ftTien, however, the solution is more 
concentrated, inter-ionic forces come into operation and tend to 
modify the velocity of the ions. 

The effects of the inter-ionic attraction are twofold, and both 
act in such a direction as to oppose the motion of the ions and 
hence to decrease their velocity. The first effect arises as follows : 
As an ion moves, it tends to cause the formation of an ion atmo- 
sphere around it. The result is that an atmosphere is continually 
forming in front of the ion and dying away behind it. Now the 
ion atmosphere is of opposite sign to the moving ion, so that if 
this process of formation and disappearance does not occur in- 
stantaneously. tlie ion will be continually moving away from that 
j)ortion of the atmosphere wliich has the greatest density of charge. 
This dissymmetry of the ion atmosphere will therefore result in a 
retardation of the ion. Debye and Hiickel have shown that there 
is, in fact, an appreciable time required for this creation and 
dispersal of the ion atmosphere, and this time interval is known 
as the period of relaxation and denoted by r. To a first approxi- 
mation the radius of the ionic atmosphere 1/B is doubled during 
the time of relaxation, which for an electrolyte like potassium 
chloride with ions of equal mobility is given by the expression 

T = seconds (64) 

where k is the gas-content per molecule and p is the frictional 
constant of the ion, defined as the force opposing an ion moving 
with unit velocity, and is given by p = (1*5 X 10~’^)/Zo, where Iq 
is the mobility of the ion. For a potassium chloride solution in 
water at 25^ C. containing c moles per litre, this gives 

T == 0-55 X seconds. 

It is evident that an increase in the ionic velocity produces an 
increased dissymmetry in the ionic atmosphere, with the consequent 
miuc^on in the field intemity, wliich we may call the dissymmetry 
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temi, aii4 this vari»'> ilir»-*;Tly with Vi*Io<*itr, for siiiali velocities. 
The actual is small : for example in an external field 

of 1 voit per centimetre, a potassium ion in a O-OUl Y. solution 
will move approximately thioum 7 ICO.OOO of the radius of its 
ionic armospliere during its period of relaxation, but even the 
slight dissymmetry thus produced is r-umcient to cause an appre- 
ciable retardation of the ion nwina to tlie relativelv enormous size 
of the electronic eharae. 

According to Debye and HiickHl. the retarding eftect upon t}i«f 
ion due to the time of relaxation is uiven bv 


Retarding Efi*-cr — 


-.Z.c /^.T-Vr-.c 

b.A.CJV KAf 


where r is the velocity of tlie ion under the E.M.F., e is the con- 
centration in moles per cubic centimetre, Z is a resistance factor 
equal to / V. i.e. to the resultant force upon the ion divided by the 
steady velocity. The other letters have their usual significance. 

The second effect of the ion atmosphere upon the ionic mobility 
is due to the increased viscous resistance caused by the movement 
of the ions of the atmosphere in the opposite direction to the cen- 
tral ion. Since the ions are assumed to carry a certain amount 
of solvent with them, the tuscous resistance to ionic motion is 
greater than if the solvent were at rest. Debye and Hiickel assumed 
the validity of Stokes' law and obtained an expression for the 
additional frictional force due to the ionic atmosphere, which like 
the dissymmetry term varies inversely as the radius of the ionic 
atmosphere and so is proportional to the square root of the con- 
centration c. Debye and Hiickel call tliis term the electrophoretic- 
term owing to the similarity bt*t ween this phenomenon and that 
of electrophoresis or the migration of colloid particles in an electric 
field as a result of their charge. 

^Lfter correcting for both these effects the resulting equation of 
Debve and Hiickel was of the form 


A., 



( 65 ) 


where is the equivalent conductivity at concentration e, 
is the equivalent conductivity at infinite dilution, T, I' are the 
mobilities of the cation and anion respectively at infinite dilution, 
A and § are constants which can be evaluated for any specific 
i.r. s 
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solvent and b is tlie mean radius of tlie ion. The first term repre- 
sents the efieet of the period of relaxation, the second term tie 
electrophoretie effect. 

This equation reduces to the form 

A,. = A._ —xVc (66) 


which is identical with the emphrical equation used by Kohlrausch 
for the conductivities of dilute aqueous solutions of electrolytes. 
Comparison vrith experimental results shows that the coefficient of 
Vc in equation (66) is of the right order of magnitude if a value 
is assumed for the ionic radius of 10~® cm. in accordance with 
X-rav data. But if the value of b is calculated from the ionic 
mobilities at infinite dilution, assuming Stokes' law to hold, the 
observed and calculated values of the coefficient are not in exact 
agreement ; e.g. for potassium chloride solutions in water at 25^ C. 
thev are 0*461 and 0*547 respectively. 

Onsager {Physihd. ZexL, 1926, 27, 388 ; 1927, 28, 277 ; Tram. 
Farad. Sac., 1927, 23, 341) has recently made some important 
modifications of the Debye and Hiickel theory as applied to 
conductivity. He pointed out that these authors, in calculating 
the retardation due to the dissymmetry of the ionic atmosphere, 
had considered an ion moving with a constant velocity in the 
solution and had neglected the Brownian movement. He there- 
fore recalculated the retardation due to this effect and introduced 
the necessary correction. He also shows that the electrophoretic 
effect may be calculated without the aid of Stokes’ law, a relation- 
ship which cannot strictly be applied to particles of ionic dimen- 
sions. Diggers equation is therefore independent of the magni- 
tide of the ionic radius. 

The limiting formula of Onsager, which only apphes to dilute 
solutions, is, in the case of a binary electrolyte having two ions 
of equal valence v, 



/ 5 : 78 ^ 

V ' 


58-Ov \ 

W^t) 


V2vc 


(67) 


This equation contains no terms which cannot be evaluated so 
that the theory can be directly tested by comparing the calculated 
with the exj^rimental values of the conductivity of any strong 
el^trolyte in any solvent at any temperature. This relation is 
evidently also in agreement with the empirical equation of Kohl- 



THEORIES OF STRO^'G ELECTROLYTES 259 

rauscli mentioned above. For imi-imivalent electrohdes in water 
at 18' C. Onsmefs equation becomes : 

A. = - (0*22L1^ -r 50-5)v> . . . (68) 

The equation of Onsager has been tested for water and for a 
number of organic solvents. For a summary of this work and 
references to the literature, see Annual Reports of the Chemical 
Society (1930, p. 335). The results of these measurements show 
that for uni-univalent salts in each of the solvents the relation 
between and V c is linear, as is predicted by the theory. The 
following table gives the percentage deviation from Onsager's 
equation in the case of these solvents. With the exception of 
water, for which the measurements are at 18^ C., the temperature 
is 25^ C. The percentage deviation is naturally 
/X obs. ~ X calc.X 

s— ) 

where x is the constant in the corrected form of equation (66). 



Water. 

MeOH. Eton. 

CH^XO.. 

CH^CX. 

Acetone. | 

^'r2y • • • 

. 0-01056 

0-00545 0-01080 

0-00627 



' 0-00308 

K-y- ■ ■ 

81-3 

30-3 : 25 

37 

36 

21 

LiCXS . . 

17 ^ 

- 1 18 

weak 

— 

, (960) 

Xacys . 

3 1 

— 2 24 

weak 


250 

KCXS . . 

6 ^ 

0 37 

00 

— 

122 ; 

RbCXS . . 

— 

0 54 

— 

— 

122 i 

CsCXS . . 

. - 6^ 

10 78 

— 

— 

124 ; 

Lil , . . 

— 

— 10 

300 

— 

96 i 

KI . . , 

. - S-S 

- 10 38 

73 

17 

; 58 j 

LiClO^ . . 

. -12 

- 2 10 

430 

— 

54 1 

XaClO ^ . . 

15 - 

8 52 

175 

— 

73 1 

LiPicratr 

. -32 

— 16 

— 

410 

■ 270 1 

XaPicraU . 

— 

3 104 

— 

106 

190 1 

Ag^ O3 . 

15 

70 130 

— 

84 

weak 1 

XEU.Pic. . 

. - 10 

17 75 

- 1-5 

6 

34 i 

XEtJ . . 

— 

33 102 

0 

5-7 

; 98 I 

XEt^CIO, . 

— 

40 164 

9 

24 

: 68 ‘ 


^ Th^ values refer to the chlorides, not to the thiocyanates, as no accurate 
m^urements of the latter have been made in water. 

2 This value is for potassium perchlorate. 


It will seen that in each of the first five solvents there are 
some salts which show close agreement with theory, and it is 
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siiOiiiicaiit that, with few exceptions, any large deviation from 
ideal behawioiir is in the direction that can be explained by ionic 
association, namely that is greater than a?caic* The body 

of evidence appears to be sufficient to justify the use of the Debye- 
Hlickel-Oiisager equation as a working h 3 q)othesis to represent the 
behaviour of an ideal electrolyte, and we have therefore a new 
means of investigating the degree of association of electrolytes in 
the dilute range where the theory can be applied with safety. 

The results given in the above table show that there is a marked 
difference between the first three solvents which contain a hydroxyl 
group and the last three which have no such group. The hy- 
droxvdated solvents favour complete ionization of the electrol 3 rte 
wliile tendmg to suppress the indmdual characteristics of the salt. 
Ulich {Zeit. angeic. Cliem,, 1928, 41, 443, 467, 1075, 1141) refers to 
this effect as '' niveUierend '' or levelling. With the non-hydroxylic 
solvents the case is just the reverse, the solutions are usually weak 
electrolytes and the chemical characteristics predominate. This 
effect cannot be ascribed to tbe dielectric constant, since methyl 
alcohol has a lower constant than nitromethane, nitrobenzene, or 
acetonitrile, in which three solvents uni-univalent salts may act 
as weak electrolytes. 

Another difference between the two classes of solvents is that 
in the alcohols the tendency to association in any series of salts 
with the same anion increases with the atomic number of the 
cation, while in the non-hydroxylic solvents the association increases 
in the order K L% (with the possible exception of the 

perchlorates in acetone), and the lithium salt is often a weak 
electrolyte when the potassium salt is highly ionized- The relative 
tendencies of the anions to promote ionic association are not quite 
so marked, but are in tbe order 

{fm:, PfcT T) < {Br\ NO,') < {Cl\ CNS') 

although there are varieties from this scheme. 

In the alcohols, the tetra-substituted anomonium salts show the 
maximum deviation from the theoretical slope of the conducitvity 
curve, while in the non-hydroxylic solvents they give results whicli 
agree m<Bt clcBely with the theory. There seems to be a general 
tendency for the asscK?iation to increase as the dielectric constant 
deerea^, for a given type of solvent, but this is not always true. 

A^^orfing to the Debye-Hiickel-Onsager theory, the infl.uence of 
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th: <iAxviiX uiHjn zh: .;uL“-Iut*tivi:y is that due to its ^lieleetric 
constant and also to the eSeet of the viscosity upon the ionic 
mobility. In amhUA^ to these e^cts. liowever, we must ahu 
take into CMiisMerati^jn tl:#^ solvation of the ion-. This caus*^s an 
increase in the size of the ions owing to the ass»>ciiited solvent, with 
the re-iiIt that th*:^y tan no lonuer approaeii another s*) cli *sdy 
as if no solvation occurred. Th- net result is a decrease iii tli*^ 
tendency of the ions to associate or r*wombiian Tliis would 
to explain, in part at least, the difference between the li\'drcxyli^' 
compounds and tiiose which do not contain a hydroxyl uroiip. 
The former are incapable of forming a cliemical linkage with the 
anion so that association readily oc*eurs and the resulting electro- 
lyte is weak. On the other hand, water and alcohols are capable 
of forming solvates of both ions so that the teiifleiicy to assoeiat*" 
is weak and the electrolyte is almost completely' dissociated. This 
question has been considered by Bjerrum {Kgh Dan-'^h:. Vvhfiihihs. 
Sekk. MatL-fys, Medd., 1926 , 7 , ( 9 ), 1 ). 



CHAPTER XI 


CHEMICAL AFFINITY 

Tiie problem of Chemical Affinity is one which has attracted 
attention from very early times, hut the first attempts at a sys- 
tematic treatment were made by J. R. Glauber (1648) and Robert 
Boyle (1664), who proposed to arrange chemically related sub- 
stances in series according to their power of displacing one another 
from chemical combination. The first of these " Affinity Tables ” 
were compiled by St. F. Geoffrey (1718) and G. E. Stahl (1720) 
and these were later extended by T. Bergmann (1775), G. de Mor- 
veau (1781), T. Kirwan (1790) and others. Anomalies soon began 
to arise, however, and it became evident that other factors besides 
the actual nature of the reacting substances must be taken into 
consideration. Of these factors, the influence of mass seems to 
have been appreciated to some extent by Bergmann, for he states 
that in order to displace B from its combination with A, it is 
frequently necessary to employ two, three or maybe six times 
the amount of G actually required to saturate A.” He does not, 
however, appear to have realized the full significance of these 
observations. 

The need for finding some method of measuring affinity quan- 
titatively very soon became apparent, and the first attempt in 
this direction was made by Wenzel (1777). The magnitude of a 
meclmnical force is measured by its action upon the motion of a 
particle. Hence Wenzel proposed to determine the magnitude of 
the mpterious force, known as chemical affinity, by determining 
the velocity of the chemical reaction occurring between the sub- 
stances under consideration. He was thus led to undertake an 
investigation into the rates of solution of a number of metals in 
acids, and he came to the important conclusion that “ chemical 
action is proportional to the amount of substance taking part in 
the reaction.” 

There are sevoal objections, however, to regar ding the rate of 
reaction ^ a true measure of chemical affinity. Thus, for instance, 

262 
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we know tliat ilie i^peed of a ebemical reaction may be influenced, 
to a remarkable degree, by tlie presence or absence of certain 
substances, known as catalysts, winch do not themselves take any 
ultimate part in ti.e reaction. It is therefore evident that we can 
hardly regard the reaction velocity as even an approximate measure 
of the aiiinity. 

A second suggestion, at iir>t sight a more plausible one, was put 
forward by Thomsen in 1^54 and supported by Berthelot (1867). 
Tills was that the heat evolved in the course of a cliemical reaction 
is a measure of the affinity of the reactants. It will be seen later 
that, in some cases, the heat of reaction is vert" nearly equal to the 
affinity, but there is one very obtious objection to our employing 
this principle of Thomsen and Berthelot, namely that some reactions 
are kiiovui which occur with absorption of heat. Thus, for 
instance, when ammonium nitrate is dissolved in water, or ice is 
added to salt, the temperature of the system falls, showing that 
heat has been absorbed, lloreover, Berthelot's principle would 
preclude the possibility of a balanced reaction, since, if heat is 
evolved in one direction, the reverse direction must involve an 
absorption of heat. But, as is well known, many balanced reac- 
tions exist, and, in fact, it is useful to regard all reactions as 
balanced theoretically, even where they appear to proceed to 
completion. Hence the Berthelot principle must be rejected as a 
reliable method of measuring the affinity. 

Our study of thermodynamics has, however, given us the clue 
to the factor which will best serve as a true measure of the affinity, 
namely the free energy decrease which occurs during the reaction. 
A reaction takes place in a given system when that system is 
capable of a decrease in the free energy and the further the system 
is originally from the equilibrium state, the greater is this free 
energy decrease. The timt successful solution of the problem is 
due to Helmholtz (Sitzvrun^r. der Akai. der ITuss. Berlin, 1882), 
but he did not pursue it. It was really rediscovered by van*t Hoff 
in 1883. 

It is therefore necessary to set about measuring the free energy 
change accompanying various reactions and this will give us a 
measure of the affinity of the reacting substances under the con- 
ditions of the exj^riment. We propose in this chapter to give a 
few examples of the determinatioii of these magnitudes. 

We shall consider, first of all. a homogeneous gaseous re- 
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action, as, for example, the reaction between livdi*ogeii and 
iodine — 

It is required to determine the affinity of hydrogen for iodine pr 
mole of each constituent. That is, we require the free energy 
decrease accompanying the reaction as it is expressed above. 
Now, by equation VI (5) we have 

-lF = RTInK,-RT'ZnhiC . . . (1) 

Hence if we have hydrogen and iodine at arbitrary chosen con- 
centrations reacting to give hydrogen iodide at some other known 
concentration, it is only necessary to know the equilibrium constant 
at the given temperature and to substitute these values in equation 
(1) to obtain the affinity per mole of hydrogen. If the initial 
concentrations of iodine and hydrogen and the final concentration 
of hydrogen iodide are all unity, equation (1) takes the simplified 
form 

^RT In K, (2) 

Hence the affinity may be determined if we know the equilibrium 
constant of the reaction. Bodenstein {Zeit phys. CJmn., 1897, 
22, 1) has investigated this reaction very thoroughly. From his 
results values of E may he calculated. For one mole of hydrogen 
and of iodine the constant has the form 


^c = - 


02 ; 


HI 


Ob: xCr, ' 

At 300' C. the value of K is found to be 80, so that {T = 573' 
Affinity = -AF^RT In E 


. (3) 
Abs.). 


2 X 573 
04343 


log 80 


= -r 5,000 calories. 

At 500* C. (773* Abs.) E = 41, approximately, so that 

= + 5,760 calories. 

The teat evolved in this reaction is -f- 2,800 calories, which is 
considei^bly le^ than the affinity. This is an example of the 
of the Thomsen-Berthelot principle. 

In a similar mannar we may calculate the free energy decrease 
or affinily of the reactant® in the formation of water vapour from 
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2^0 


it< i:*iU<tam at Jiigh Tem|>eratur«.‘^. Tlie following are 

of tlio obtained by Nenir^t and von Wartenberg 

II. yarfiL Ky. Tt7?v. Gdttii^aci>. p. 3b : Lowenstein 
iSt‘t ill, Zi C. Ch isi.. 19i^b, 54, Tib ; von Y’artenberg (Set iii), 
Z#//- Cheui.. 56, 71b: Langmuir (Set iv), J. Amer. 

( Sof'.. 28, IbbT. The <eeond column gives the tempera- 
rure in degrees absoluie, the third eolimiii gives the percentage 
disstjciatioii. Column 4 gives the equilibrium constant calculated 
from the rektion 


AT, = 


(Hfi) 


(^) 


wdiere the brackets inmeate partial pressures. 

Column b gives the values of the affinity per mole of water 
formed, i.e. the free energy decrease when 1 mole of hydrogen at 
1 atmosphere pressing reacts with 4 mole of oxygen at 1 atmo- 
sphere pressure to give 1 mole of water vapour at 1 atmosphere 
pressure. This quaiitity is evidently given l.)y the relation 

- M' = ST hi K, = Ch? % ^0 
04343 


DissociATiox OF Watee Yapoue 


Set. 

Temp. 

Pereontage 

-Dissocia- 

tion. 

Aj • 

I . 

1397 

0-Jj07S 

2*05 :< 


1480 

U01S4 

5*66 :< 


1561 

0-034t» 

2*26 X 

II . 

1705 

0*0326 

2*3 V 


1783 

0*0778 

1*82 : : 


1863 

0*211 

6*70 ; : 


1968 

0*373 

3*79 X 

Ill . 

2155 

1*18 

1*094 x 


2257 

1*77 

0*590 X 

IV . 

1325 

O-U0325 

7*65 :: 


1354 

0*0049 

4*13 * 


1393 

0*0C^9 

2*47 


1433 

0*0103 

1*35 


1455 

0*0142 

8*35 ; : 


1474 

0*0141 

S’4o 


1531 

U-0255 

3*47 X 


1550 

0*0287 

2*91 X 



- aF. 

Observer. 

10^ 

- 40610 

Nemsfc and von 

10" 

-7 39200 

Wartenberg. 

10" 

-y 38490 


10^ 

- 34240 

Lowenstein. 

10* 

~ 34970 


10^ 

- 33590 


10^ 

-32445 


10- 

4-30150 

von Wartenberg. 

10^ 

-y 28805 


10« 

-r 4201U 

Langmuir. 

10« 

- 41340 


10® 

- 41010 


10« 

- 40440 


10" 

— 39670 


10" 

- 40230 


10" 

-r 39055 


10" 

4- 38910 
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It will be observed that the free energy decrease is greater the 
lower the temperature. 

This method of determining the affinity or free energy decrease 
accompanying a reaction from a knowledge of the equilibrium 
constant may evidently be employed also in the case of reactions 
in solutions. 

Thus we may calculate the affinity of the ions of, say, a weak 
acid from a knowledge of the dissociation constant. 

'When we come to deal ydth sohds, we may, in the first instance, 
regard the reaction as occurring in the vapour state, and deter- 
mine the affinity or free energ}^ decrease in that state from the 
equilibrium constant. It is better, when this is done, to place the 
suffix (g) after the formula for the solid substance, to show that 
we are considering only the vapour state. 

A case of great interest is that investigated by Schottky {Zeit. 
phgs, CJienh, 1908, 64 , 422) namely, the afiinity of ice for various 
salts, anhydrous and hydrated. We may regard the problem as 
follows : We imagine one mole of water vapour to be vaporized 
from ice at equilibrium pressure and transferred to the salt, by 
the three-stage distillation process. The free energy decrease is 
evidently, if we assume the gas laws for the vapour 

— AjF = RT hi pa/pi 

where po is the pressure of water vapour in contact with ice, p^ 
is the pressure of water vapour in contact with the salt under 
consideration ; pi is also the dissociation pressure of the product 
formed. Thus in the case of the affinity of ice for CuSO^.ZHoO, 
Pi is the equilibrium vapour pressure of the trihydrate and also 
the dissociation pressure of the pentahydrate. It is therefore only 
necessary to make a series of vapour pressure measurements in 
order to calculate the affinity of ice for the trihydrate. In this 
case we are evidently determining the decrease in free energy in 
pacing from solid ice under its own vapour and solid trihydrate 
under its equilibrium vapour pressure, to the pentahydrate under 
its dissociation pressure pi. 

The followiag table gives Schottky’s values for the free energy 
decrease or affinity of the reaction, together with the values of 
— AH the heat evolved during the reaction. These latter values 
are obtained from Thomsen's values by subtracting 1,440 calories, 
the latent heat of fusion per mole at 0° C. The last column gives 
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the diSereiiet- i^et w^-eu the free energy decrease and the heat evolved, 
thus showing t!:e diverg^^nee from the Tiiomsen-Berthelot principle. 





~ A/'. 


a// - 



*^1. . 

^ " 

- 

r:;Su,,2HO 

- -211 o 

IIIHI 

840 


3.10 

ZpSO,JI 0 

- o// 0 

.154 

4sn 


74 

0 

- mi 0 

33f> 

359 

__ 

23 

Jj 

- HJj 

2m 

275 

— 

75 


- mi Jj 

iOoO 

962 


94 

XaBr 

- 2HM 

t>5o 

585 


71 

BaCL 

- H./J 

2U1U 

1410 


16<J 


- 4:11.0 


1 53 


37 

Xa.Ar. 

- 2H /J 

1284 

907 


377 

Xa.HPO^lILfJ 

- oH.-D 


424 


216 

XaMPOr.HXi 

- oH./J 

640 

280 

-r 

360 

CuSOi-UFJ 

- 'IHM 

lt^5 

1045 


61X) 

XaXdPO, 

- 2H./J 

1410 

h6i) 


550 

{room. 

~ 2H J) 

15(><J 

SlU 

— 

750 

BaCl..H 0 

- HJJ 

2230 

1060 


1170 

ZnSO^SHM 

- H.D 

IS 10 

450 


1360 

MgSO^SH.O 

- HFJ 

206<J 

590 

-- 

1470 

SrCL. 

- 2H.0 

2930 

1430 


1500 

ruSO^ 

™ H.0 

4:Sm 

2350 

1 Difficult 

— 

2510 

MnSOi 

~ H.0 

391K) 

- ’to measure 

i owing to 
(.small p. 

< 

2860 

ZnBO^ 

-- H.0 

6S80 

2350 

-f 

4530 


It is evident that there is a marked difference between the heat 
evolved during the reaction and the free energy decrease accom- 
panying it. The values given above are not all very accurate, 
however, owing to the difficulty of measuring the small vapour 
pressures exerted by some of the hydrates. 

We now propose to determine, as an example of a very general 
and useful method, the affinity of oxygen for iron at 1,000' Abs. 
at atmospheric pressure. The reaction considered is 

Fe {s) — iOs = FeO (s) 

the suffix 5 indicating that the iron and the ferric oxide are in the 
solid state. We shall, however, confine ourselves, for the present, 
to the same reaction in the vapour phase 

Fe ig). -i- W. = FeO (g). 

It is evident that if we could measure the dissociation pressure of 
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the oxide, we should have a direct method of measuring the afiinity, 
for 

- IF = RT hi Kj, - Rmn. In p 


= RT In 


(FeO) 


- RT In 


(FeO) 


{Fe).{0,)^ {Fe):{l) 

where the factors in brackets indicate partial pressures of the 
vapours. The value of the oxygen pressure in the second term 
is unitv. Hence we have, 


-AF = RT In 

This, however, is not possible in practice. We have to employ a 
less direct method of determining the ajB&nity. 

Let us consider the reaction 


FeO(g) - C(g) = Fe(ij) ^ CO. 

The affinity of this reaction is evidently 
- \F\ - RT In p 

where p is the eqiiilibriiun pressure of the carbon monoxide- The 
following results are given for p by Schenk, Semiller, and Falcke 
{Ber., 1907, 40, 1708). 


J" K. 

P- 

10{f p. 

S29 

73*2 mm. 

1*866 

S69 

164*2 „ 

2*215 

939 

386*0 „ 

2*566 


Extrapolating to l-OOU"^ K. we obtain the value otp, 810 mm. = 1*06 
atmospheres. Hence we obtain, for the free energy decrease under 
1 atmosphere pressure, 

- AFi - ~ RT In 1*06 

= -r 1-98 X 2*303 X 1,000 x 0*0253 
= -r 114 calories. 

We shall next turn our attention to the dissociation of carbon 
ilioxide at 1,000" K. From the data given by Nernst, Lehr- 
hmJi, 5 Aud., p. 680, we obtain the percentage dissociation to be 
1*58 X 10"'. The reaction is 00 ^ = GO + and the affinity 
under 1 atmosphere pressure is therefore 

_ \ J? ^ Pco X {poj^ 

—IX 2 — • 
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Putting p. ^ 1-55 . id': I atmospliert* we 

obtain 

-™ AF, - - 1‘9- 2*3m:^ ■ Ijnni / 10 “'f ^ 

— ± 7 . Am) calorie-. 

Boiidoiiard gives the equilibrium conditions for the reaction 
200 :=C - CO. 

at l.iKHr K. and 1 armospliere pressure as 67 per cent, by volume 
of carbon monoxide. 33 per cent, carbon dioxide. Hence the 
affinity of the reaction is sivtui by the relation 

- AF, = BT h pr:c, Pr.y = BT h 

= — 1-98 X 2*303 IjXnj 0*134 

— — #310 calories. 

Now by adding these last tv;o cpiantities with the dheetion and 
therefore the sign reversed, we obtain the free energy change of 
the reaction (— AF 4 ) 

CO ^ W. - C - CO. == CO. 2C0 

i.e. ” C - W. - CU 

~~ \F, - AF, AF, 

that is - AF 4 i7.2(Mf -- 6 I 0 47.81i) calories. 

If, now. we .^uluraet reaction ( 1 ) from rpaetioii (4) we obtain the 
desired reaerion 

Fe- lO.^FcO: (-AF) 
and ~»AF 4 ~-{-AFA--AF 

i.e. - AF- -47,810- 114 

— — 47,690 calorie.s. 

Thus we see that the free energy decrease aeconipanyinir the reac- 
tion represented 1 >y the following equation 

Fe ig) -- W. ” FeO (g) 

regarded as occui-rliig entireiv in the vaptrur state at l.lHXb K. and 
an oxygen pressure of 1 atmosphere is — 47,696 calories. But 
throughout the reaction the pressures of the vapours of iron and 
ferrous oxide are the equilibrium vapour pressures at l, 00 (d K. 
The effect of the oxygen pressure may be neglected. Xow the 
free energy change occurring when a substance is vaporized at 
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the equilibrium vapour pressure is evidently zero, so that we 
have actually determined the affinity of the reaction 
Fe (s) -f iOs = FeO (s). 

That is, by applying the van’t Hoff isotherm to the reaction in 
the condensed state we may calculate the affinity of the complete 
reaction. 

The heat of reaction determined by Le Chatelier for this reaction 
is 64,950 calories which is evidently considerably greater than the 
affinity or free energy decrease. This is thus another instance of 
the complete breakdown of the Thomsen-Berthelot principle. 

Another method of determining the affinity of oxygen for iron 
consists in employing hydrogen as the reducing agent in lieu of 
carbon. These methods have a very wide application, since the 
free energv is an extensive property of the system, so that free 
energy changes are additive. 

Electrical Method of Measuring Affinity. We have already 
seen that one of the simplest and most direct methods of deter- 
mining the free energy change which accompanies a reaction is by 
means of an electric cell. If E is the electromotive force of the 
cell then the free energy decrease — AF is given by 
— AF = nQ,E 

where Q is the charge on the ion, and n is the valency of the ion 
with respect to which the cell considered is reversible. As an 
example, we may consider the Daniell cell. The reaction is appar- 
ently 

Zn 4 - CuSO^^ = Gu + ZnSO^, 

But this is not the actual reaction which occurs in the cell, since 
both the copper and zinc sulphates may be assumed to be com- 
pletely ionized, so that the net reaction of the cell is 
Zn {s) 4- = ZfT-^ + Gu (s). 

If the sulphates are both present at the same concentration (0-lA^) 
the electromotive force is approximately 1-1 volts. Hence we have 

— AF = n,Q. X 1-1 volt coulombs or joules. 

Q = 96,540 coulombs, n is 2, and 4-2 joules = 1 calorie, so that 

-AF = A X 96,540 X 1 1 

= 50,570 calories. 
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It evident that xhi< value i? the difference between the free 
energy decrease of the followinii reactions 

Z/i U; ~ Z/f~~ ( — AFil 
and Cl! ~ C ‘~ ' i — Afoi 

i.e. -Af =t-AF:.---Af,K 


It is now permissible 
— AF obtained from th* 

- AF - ET K - 
= HI h, 

C , 


to equaT^* this qiiantiTy to the value of 
3 van't Hoff isotherm 

RT Y. C 

- r f- p 

e li'p ] Zh • I ff 

- -^Zh ■ i.u ’^^tZn 


where C\c,,. are the partial coneeiitrations of metal in solu- 
tion. unionized ami in equilibrium with the solid met a!, C,zn " ^ 
C.cii” are the equilibrium concentraTions of zinc and copper ions 
in the solution and are the actual coneentratioiis 

of the ions in the cell. Xow we have arbitrarily cliosen tlie con- 
centrations of the zinc and copper sulphate to be both equal to 
0*1 Ab, so that the above equation simplifies to 


-\F = ET In ■ = RT In K' (5) 

^eCu~~ 

Let us now substitute the value of — AF determined from the 
electromotive force data : we obtain 


RT hi K' = 50,570 calories. 


The temperature is 25" C.. i.e. 298" K. Hence converting to 
ordinary logs. 


logr 


50,570 

1-98 X 2-303 X 298 


Hence the equilibrium constant K' is 10^^. It is manifestly impos- 
sible to determine a constant of such a magnitude by the ordinary 
methods of analysis, but the electromotive force of the cell has 
thus provided us with a very simple and accurate method of cal- 
culating this quantity. 

Again let us consider the ceil 

Ag ; AgCl; KClic); HgCl j % 
i.e. electrodes of silver and mercury surrounded respectively by 
solid silver chloride and mercurous chloride and both immersed 
in a solution of potassium chloride. The reaction occurring is 

Ag is) - HgCl (s). = AgCl -r Hg (I). 
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The electromotive force of the cell is 0*0455 volts and hence the 
decrease in the free energy is given by the following expression 
at 298" K. 

— AF = 0*0455 X 96.540 x i calories 

4-2 

= — 1,046 calories. 

One very interesting series of affinity measurements mav be 
obtained from the electromotive force of gas cells containing hydro- 
gen or oxvgen. Thus, for example, we may consider the following 
cell 

Ho (1 atm.) j l.y. HGl | l.N.NaOH | Ho (1 atm.). 

The actual reaction which occurs in the cell is, if we assume com- 
plete dissociation of the acid and alkali and of the resulting salt, 

H- + OH' = HoO. 

It is a well-known fact that the heat of neutralization of dilute 
mineral acids by dilute strong alkalies is a constant, viz. 14,000 
calories approximately, and is really the heat of formation of 1 mole 
of undissociated water from its ions. By determining the elec- 
tromotive force of the above cell, and correcting for the liquid- 
liquid potential difference, we may calculate the affinity or free 
fiierg}' decrease of this reaction. The electromotive force at room 
Temperature (after correction) is 0-81 volts, so that the free energy 
decrease is given hy 

- AJ = 0-81 X 96,540 X ~ 

4*2 

= 18,620 calories. 

This measurement also provides us with a method of calculating 
the dissociation constant of water. We proceed as follows : 
By the van't Hoff isotherm we have 

■ AF ^ RT hi RTh) . 

• tx -OH • ^OH' 

Now Cjj^Q = and and are both unity, so that 
this equation becomes 

RT In --RT In H,,. 

Sutetitutmg the value of — - AF obtained from the electromotive 
force of the cell we have 

-~AF=-~RT hi = 18,620. 
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Hii trail Moriniiig to ordinary logarithms and insertinir the 
values of the temperature and of R 


% ^IV = 


18,620 

2-303 X 1*98 X 290 


= - 14-08 


that K,, - 10-1^ 


vdiicii is in excellent agreement with values obtained hy other 
methods. 

A similar method to the one just employed consists in deter- 
mining the electromotive force of the cell 


0, I N.HCI j y.NaOH j 0,, 


The oxt’gen dissolves giving hydroxyl ions, thus setting up a 
solution pressure. The net result is a neutralization of the hydrions 
and the hydroxyl ions as before — OH' = H^O, and oxt'gen 
is transferred in the process from tlie acid side to the alkali 
side. 

A third method of the same tvpe depends upon the use of the 
cell : 


Hi I Elecfrohjle [ 0^. 


The most suitable electrolyte to employ is hydrocMoric acid. In 
this cell both the hydrogen and the oxygen dissolve in the elee- 
trohu:e, forming hydrogen and hydroxyl ions tvhich comhine to 
form iindissociated water. The hydrogen pole will natuially 
negative and the oxygen pole positive, owing to the removal of 
tlie ions. 


Affinity of Oxidation-Reduction Processes from E.M.F. 

. Measurements. 

Suppose we have a solution of stannous chloride in contacr with 
a .-oliition of ferric chloride. We know that the two solutioiis tend 
tu rt*aet, the iron being reduced to the ferrous condition and the 
till oxidized to the stannic- state. Now suppose we set these soln- 
tions up in the form of a galvanic cell, by inserting platiinirn t 
thmIos into the two solutions, thus 

Pi j Ferric Ohhride j Simimm chhtrkk j Pt, 
llieii by measuring the electromotive force of the cel! we may 

I,T. T 
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calculate tie affinity or free energy decrease of tie process. The 
cell reaction is 

In a similar manner by measuring tie electromotive force of the 
following cell 

Pt I FeSO, j lahiO, j Ft 

we can obtain tie free energy decrease accompanying tie reaction 

MnO^' -r oFe" 4- m = Mn' -f 5Fc*" -f m^O 

under tie conditions wiici iappen to obtain in tie cell at tie 
instant of measurement. It is evident tiat the value of the elec- 
tromotive force obtained, and consequently of tie free energy 
decrease calculated, depends upon tie concentration of each of the 
ion tjrpes. Tie calculation of tie affinity for some particular 
concentrations can, of course, be performed by means of tie van’t 
HoS Isotherm. In tie stannous chloride, ferric chloride cell, since 
tie reaction corresponds to tie transfer of two electrons, tie free 
energy decrease will be E.2Q. Hence we have 

^.E--^~ETlnK-^RT In 

where E is of the same form as tie last term only involving equili- 
brium concentrations. 

We shall, however, confine ourselves to a somewhat simpler 
case which was investigated by Peters {Zeit. jphys. Ghem., 1895, 26, 
19B). He used as one of his elements the standard calomel electrode 
{Normal), tie potential difference of which is known (0-56 volts). 
This serves as the reducing agent. Tie other element consisted 
of a platinum wire dipping into a solution of a mixture of ferrous 
and ferric chlorides. We may represent tie cell as follows : 

Pt Hg^CL Eg 

Fe^^ Egn{^'^ 

In tne left-hand section tie reaction occurring is 

-f 2© = 2Fe"^ 

while in tie right-hand section tie reaction is 
2% (metal) — 2© = Eg{^-^, 
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The net reaerion of the eell h thereuire the ^um of these two pro- 
cesses. namely. 

- 2% - 2Fe’ ’ Ilgf-. 

The free? energy decrease accomp.inyiiiL' the reaction is given 
by the vanr Hoi! isotlierm wLi^*h fur tLi- reaction takes tlie 
form 

- AF =-. RT In _ RT In . 

rv,.. 

Now for the ealomei electrode we know tliat 

Cjig .. ™ ~ Constant 

and also the conct-ntration of mercury fimionized) in the solution 
is a constant, so that we may transform this expression and 
write 

-AF^RI hi - RT In 

-■ “i*> 

= RT In K - RT hi 

Now since the reaction represented above involves the transfer of 
two electrons, the electromotive force is equal to one-half the free 
energy decrease, so that 

E = i,RT hi K - I.RT hi 

C yv - 

The first term of this expression \RT la K is usually tt^rmed the 
normal potential of the process, and denoted by E^. £ is called 
the reduction potential, since the reaction as considered is a 
reduction. Hence we have 

E=:E,~RT III 

Epe — 

By means of this equation Peters calculated the value of Fy 
and hence of the equilibrium constant K, Mixtures of ferrous and 
ferric salts in known concentration were employed in the left-hand 
section, and as an approximation it was a^iuned that the ioniza- 
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tiou of these salts is complete so that the ion concentration is equal 
to that of the salt. The following table gives some of Peters’ 
results : 





P.D. of the 


Ratio of Fe~^ and 

E in 

ferri ferro 

E a ill 

Fc--- 

in per c-ent. 

Volts. 

Electrode 

Volts. 



in Volts. 


Porfi 

Ferro 




0*5 

99*5 

0-296 

0-856 

0-428 

1 

99 

0-312 

0-872 

0-427 

2 

98 

0-331 

0-891 1 

0-428 

10 

90 

0-375 

0-935 i 

0-430 

50 

50 

0-427 

0-987 ! 

0-427 

90 

10 

0-483 

1-043 1 

0-428 

99 

1 

0-534 

1-094 1 

0-419 ? 


K Calculated 


Mean value 

10^-45 




The values of are in excellent agreement with one another 
as we should expect from the theory. The actual value of the 
constant K is very high. It requires that for equilibrium the ratio 
of ihe ferrous ion to the ferric ion is over 7.000,000, The net result 
is that for any ratio obtainable in practice it is always the reduction 
process wliicli occurs. 

We have now considered, briefly, some of the methods of deter- 
mining directly the free energy decrease or affinity of reactions. 
One of the most important methods of determining the affinity, 
however, is dependent upon the famous theorem of Nernst which 
we shall consider in the next chapter. In this method we calculate 
the free energy change from the change in the heat content which 
accompanies the reaction and which is given by the heat of reac- 
tion at constant pressure. 

Variation of Affinity with Temperature. Before ^^roceeding, 
however, to a discussion of the Nernst Heat Theorem, we must 
consider briefly the effect of temperature upon the free energy 
change of a reaction. It is necessary to employ the G-ibbs-Hehn- 
holtz equation in the form 

Aif - AF = y/g(lL^)\ 

\ dT )p 

Now we know tliat for any reaction at constant pressure 

Aff = Sr^ 


(6) 
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wh^^re ^ is 
nun' wrir^ 


li^ut aWorwT at c*^nstain pr*'ssurp. we 


Af 




1 1 


Til!- tua! ::. a a- .luy r -in p* ‘rat are, \vv know !ia‘ 

hear ef reuetieii at eeLr^tant pr-->nn-. aiai also the valia^ uf th- 
aiiiiiiry then we may ealenkte t*aii|»^'rature erfeiiieieii! of tiir 
atlinity at tills temperature. This i> tla- genera] ktrm ot tia^ 
equation. iMany authors, however, havt^ aone somewhat astray 
at tiii:- point. They have deiined affiiiity in such a manuf^r tiniT 
it may be calculated from the eleerromotiv** force of >oiiU' suitaijle 
cell, which evidently depends upon a reurtion pr^K'^^edinu at 
constant pressure. They tlien rnaks^ the lirlhtrary assumption, 
w'hicli is not by any means invariably tru<*, that the volume is 
approximately constant, so that the aitiiiiry — AF is equal to 


the decrease 
efpiarion 


and hence 


m the wfirk eent^Uit 


sr -AA - r 


A.-l. They then apply tho 

AAr> 


AA 


/c(~-X4)\ 

\ dT ); 


This equation is undoubtediy true for reactions at constant volume, 
but since the reactions usually considered do not occur at constant 
volume, but at the constant pressure of the atmosphere, it seems 
to be unnecessary to employ the approximation, especially as our 
heat measurements refer, in most cases, to constant pressure. 

We may transform equation (6) so as to refer immediately to 
the electromotive force of a cell, by equating — AF to n.Q,E. We 
obtain 




m 


If, now, 'we measure the electromotive force of the cell for a senm 
of temperatures, we may, by plotting the values obtained against 


temperature, obtain the value of the temperature coefficient 



p 


for any given temperature from the slope of the curve. Knowing 
the value of E for that temperature we may calculate the heat of 
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reaction AH, by substituting directly in equation (8). The values 
of AH so obtained are much more accurate than those calculated 
from calorimetric measurements. 

The following table contains a series of values, calculated in this 
manner, for the reaction : 

+ HgCl = HGl (0-1 M) + Eg 
from the electromotive force of the cell 

I EGI (0-1 i¥) 1 HgCl | Eg. 

In this case n = 1 so that 


Temperature. 

Afir. ; 

20= G. 

— 7995 cals. 

2o= C. 

- 8291 „ 

30= C. 

- 8471 „ 

35= C. 

- 8609 „ 

40= C. 

- 8694 „ 

45= C. 

- 8774 „ 


The available calorimetric data give a value of AE = — 8,000 
calories approximately at C., but the above figures are more 
accurate. The equation (8) is therefore of great importance in the 
determination of the heat of a reaction at constant pressure. 
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THE THIRD LAW uF THEK.MoDVXAMlo 


We have now coiisi!i!.-rrti iia some 


ana 


iiioa- 


of what is known as Classical Th'-rsioi'T.ari';:-:-'. it tiiu-jLt \i-. 
among other things, that a decrease in the free er.er-jv- fd air*- sv-teia 
is the nec^sarr criterion of a reaction occurrina in tDit svsten. 
and we have seen reason to regard the measnre of this fr-:-*- eneritv 
decrease as a measure of aiSnity. Xow althoti^'h thi' vit-w irivuh>-> 
the rejection of Berthelot's principle, that the heat (.‘f a react icai 
is the measure of aSkiry, yet i: is an nndouhted fact that in nun}’ 
cases the free energy decrease and the heat e%'olved by the- sy.-;t‘/m 
at constant pressure are very nearly the same, so that- the principle 
served for a time to give an approximate measure of aSnity in 
certain eases. Moreover, it is often possible to determine the heat 
of a reaction, either directly, or indirectly from specific heat data 
and the use of KirchhoS’s law, when the free energy change is 
not so leaddy obtained. It would therefore be a distinct advantage 
if it were possible, by any method, to calculate the free energy 
decrease — AJ from the heat of reaction (= heat absorbed) or 
M. 

The only relationship between these two quantities IF and AH. 
which may be obtained on the basis of classical theory is that 
known as the Gibhs-Helmholtz equation and. as we have seen, 
takes the form : 


AH 


( 1 ) 


We have already seen that if measurements of — AF and of its 
d(— AF) 

temperature coefficient — ^ — - are available, e.g. from measure- 
ments of electromotive force, then it is possible to calculate the 
heat effect AH ■with a very high degree of accuracy. The reverse 
process, however, is not so simple, as the following considerations 

■279 
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■ftill slio-^r. We may, by dividing tluough by write equation (1) 
in the form — 


T 



IH 

jr-i 


which is the same as 


9 



IH 


Integrating this expression we obtain 


-AF 

T 


-r Constant 




We thus see that in order to calculate the free energy change from 
the heat effect it is necessary to evaluate the integration constant, 
and this can only be done, on the basis of the first two laws of 
thermodynamics, if we know the value of — AR for some one 
temperature. The integration of the first term on the right-hand 
side has already been considered in Chapter 'NH. We express Aff 
as a function of temperatme as follows : 

AH = AH, - A'/T -r . (i) 

2i o 


where the coefficients are those contained in the expression for the 
change in the specific heat at constant pressure as a result of the 
reaction (Equation VI (22)) 


ACV = Aa'-A/iT-Ay'r + 

Hence we mav write 


AH _ AH, . Aa' . A^' 




(5) 

( 6 ) 


and on integrating we obtain 

T 


I T- 


iT = a 


-AHo 

T 


-r Ax' In T 


-n 

2 ‘6 


(7) 


where a is the constant of integration. Hence by equation (2) we 
have 


~-AF = AH,-JrIT ~ Ax'T.ln T - 

9 



(8) 


wlierr* I ~ a. 
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Fruiii th»riiiia. dat;4 *'Y-‘ry Muaiitity In thy 

With T:.- /. an«l it 

H Tn X-rx-t tha^ W*‘ Wlii»'L liX- ^aatriX'd !i- tn 

j!.'-*;*!;; I i”' jMi'iJ' X*'r*"'",‘'arV t ■;* liaila^ aliV 

fi'i'M t-i;^x"xy nx*a-xx-h.^Xi*- u... T;x> i- kia^wn ti- 

tii«^ Xernst Heat Theorem aXa o.at -f w:an x-w t-atn 

<kb It'd r< * raxx; a- Third Law of Thermodynamics. 

We have already mexrkea-d rlai* in n.anv ih-' *'!.*e'xv 

decrease — AF is approximately eqiuil tfi tia' L-at evoh’»-d diirii.a 
the reaction at constant pressure. — A//. Now iiicliard- iZ* d. 

Ck€m.. H«^2. 42, in stud^'iin- tiie elecrroiiiOiiv*' foro^ 
and the heat of reaction in various eeiis at low ^cn:perr:t:ir!"’X 
showed that as the teoiperainrc is decreased these two quantities 
AF and AH become more and more nearly equal, h is rher^T^re 
reasonable to assume that at absMjin*- zerie may writs* 

AF A// ...... . do 


or the fivt* eiieray cLanu** and tiie heat <»f r^.ceui?.=!i are ^'yUal. This 
is not, however, quite suthcienr. Experiment sliuws that, n-r uidy 
do these tw'O qiiaiitiries approacli one another as the temperature 
is decreased, but they do so very rapidly in the neighbourhood of 
ab.soIute zero, so that in the immediate neighbourhood of the zero 


point the divergence between AF and A// is practically i!**u!igi]»Ie. 
Xernst, in a paper “ Ueber die Bereehriuiig cheniischer Gleiehge- 
wichte alls tliermischer ile.ssungeii ” {Xachr. kgL (yc>*. iriVs.. GdP 
iiiifjeh ; Math-phynh, KI<mc\ p. 1 ) expressed this by saying 

that not orilv do the free energy cliauge and the hear change of 
a reaction approach one another at low temperatures but they do 
so asymptotically, so that we may write 

(I IF JAH , 

~ iim. M 

dl T r. dT 


lim. 
F = 0 


ll*M 


Graphically this may be represented as in Fig. 3b. In the left- 
hand diagram the upper eurt^e repre.sentmg AF and the lower 
curve representing AH meet at the zero point, but the tangents 
at that point do not coincide. In the right-hand diagram, hovr- 
ever, the tangeiit.s at the zero point are identical and are pirallel 
to the temperature axis. Tliis latter diagram therefore represents 
the true state of afiairs according to Xernst's Theorem, ami not 
the left-hand diagram. 
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Nernst originally considered that this principle was applicable 
to all pure substances in the condensed state, i.e. solid or hquid, 
since the vapour phase is naturally absent at absolute zero. As 
we shall see, however, .there is considerable experimental evidence 
against its applicability to liquids, while there is ample verification 
of the principle in the case of crystalline solids. It therefore seems 
preferable to limit the heat theorem to the crystalline state, althougii 
it is probable that the divergence in the case of amorphous solids 
is small. 

The principle which we have just stated is itself sufficient to 
enable us to calculate the free energy change from the heat of 
reaction although it is not a complete statement of the Third Law. 




Correct 


Fig. 38. 


It is not permissible, however, as Nernst thought at first, to do 
this by employing equations (4) and (8) directly since this assumes 
their applicability at low temperatures, and as we shall soon see 
the equations M (21), and (22), for specific heats, which give the 
values of the coefficients, are no longer valid in the neighbourhood 
of absolute zero. 

Instead we shall proceed as follows : Let us consider the reaction 

A-\-B = C + D 

occurring entirely in the sohd state. Then each substance may 
assumed to have a certain vapour pressure which may be denoted 
by P with the appropriate subscript. Then if we denote the heat 
of vaporization of th^ substances by etc., and neglect 
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tae volume ot rne 
tile CLm^-vron 


in eomparison with that of tlie vapoii; 
for 5-iib5Tanee A takes the form 

fi] 

■IT i?r- 


L*jM%A*:i.L i*. r*:r«iira»-M a'- liU*‘ U p^nei'l 

Now we have seen in Chapter III that ^ - C.„ at constaii 

(iT 


pressure, so that we 


-ACV. 


where AC^ is the difference between the heat capacities of the 
vapour and the solid. Integrating this expression IxAween abso- 
lute zero and T' K. we obtain 

T 

AH^ ^ iAC,,dr .... (12) 

Substituting this value of AH_^ in equation (11) and integrating 
we have 

* T 

\1C^JT 

= . . (13) 

where i is an integration constant, termed by Xernst the True 
Chemical Constant." We can integrate the third term in this 
expression by parts. 


AO^JT 




The second term of this equation is by equation (12) equal to 
(AH^ -AHoJ/RT 
so that equation (13) becomes 

jp p _ -i_ 1 __ * 


Similar expressions may be obtained for h In P^., and In Pj^. 
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jSTow we may imagine tlie reaction to proceed via tiie vapour 
phase, by supposing that one mole of A and one mole of B are 
vaporized and react to form C and D wMcb are then condensed to 
the solid form. Let us denote the equilibrium vapour pressures 
by the small letters Applying the law of mass action 

we have 


We may now apply 
VI. namely. 


(15) 


jr __Va y^VD 

'' Va X Bb 
the well-knowm equation obtained in Chapter 


hi /ip __ 


• ( 16 ) 


where AE/jg is the heat of the reaction in the gaseous phase, at 
constant pressure. This equation may be integrated in a more 
accurate manner than that adopted in Chapter VI by a similar 
method to that just employed and we thus obtain 

T 


hi /t „ = 


B.T 


RT ‘ 


hi 


(17) 


0 

where 

"T ~~ ^^pA ~~ ^^pB- 

The free energy decrease accompanying the reaction is given by 
the van't Hoff isotherm in the form 


- IF = RT hi Ap - RTZ hi P 

or Af = RT {hi Pa hi P^ - In - In Pj, - In IQ (18) 

If, now, we substitute the expressions for hi P.^, etc., and for hi 
from equations (IB) and (17) we obtain 

AJ = (AP^ T Aflj5 -f AP^ - Aff c - AP,>) 

-i- Sr f ~ ACpjg — AGp_R) ^y 

J RT 

{la -t" ijj — ij_ — % — (19) 

Kow it is evident that the first term of this expression, namely, 
AP^ -r AP^ 4- MI j, - APe - AP^ = AP^ 
where is the heat of the reaction in the solid phase. Moreover 

"V ~~ ^pA ~~ ^^>2?) ~ 



THIRD LAW < iF THEH3l< H)YXAMR S 


2h:j 


wiiHie i- the L^at capadty of tlio C aud i>, minu:^ 

the heat capacity of the reactants A and B in the solid phas^. 
The Quantity AJ is evidently equal to the free energy change 
accompanying the process in the solid phase, and we may therefore 
write 


AF Alls - T 


:acjt 


// 




fijiii 


This equation is derived from purely therniudyiuiiiiic principles 
except for the assumptions that the vapour hdiaves like a perfect 
gas and that the volume of the solid is negliirible in cuinparisoi)! 
vvdth that of the vapour. Both of these assumptions are siifti- 
eiently accurate to warrant our using this equation to represenT 
the behaviour of the system in the neiglibrjurhood of absolute 
zero. Moreover, we have not as y«*t assumed the validity of the 
Xernst Heat Theorem. We may nov:. however, integrate equation 
(1) by a similar method to that just adopted. By equation Y (15) 


wo 


hav 




,S. so Tiiai. we mav wTite 


(lAF 

ill ' 


~ AF 


{'n) 


But by the Xernsr principle tliis quantity ap])roac}ies zero in the 
neighbourhood of aljsolute zero, or 

lim. AF := 0 (22) 

r=:0 

Xow classical thermodtuianiics gives us the following relation for 
the change of entropy as a result of a cliemical reaction : 


A>S — j At d hi r /,i . . - . (2b) 

where is a constant uf iutegraiion. ^'substituting this value in 
(1) we obtain 

IF = 1H-T. I — - hT. 

Comparing this expression with equation (2U), we evidently obtain 
— R{if . -- f/>) ... (24) 
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But by the Nernst Heat Theorem we have seen that lim. = 0, 

r = o 

Applying this to equation (23) it follows that 

Io = 0 

This is the important fact which emerges on the application of 
the Nernst Heat Theorem to a chemical reaction. Substituting in 
equation (24) gives 

% = '^c ~r '^‘D • (^6) 

or the integration constant of the reaction given by equation (17) 
is equal to the algebraic sum of the true ’’ chemical constants, 
of the reacting substances. 

The value for the free energy change of the reaction now becomes 

T 

CAP fJT 

AF = AH-T (27) 

0 

This simple expression, which as we have seen follows immediately 
from the accurate integration of the Clapeyxon equation on apply- 
ing the Heat Theorem, enables us to determine AF entirely from 
heat measurements provided we have data for the specific heats 
of all the reacting substances down to absolute zero. Alternatively 
we could calculate In from a knowledge of the true chemical 
constants of the materials, obtained from measurements of specific 
heats at low pressures, by means of equation (17) and then, sub- 
stituting the vapour pressures of the solids, we could obtain the 
free energy change. This latter method is evidently, however, 
much more laborious, and is never employed in practice in free 
energy determinations. Unfortunately, at first, owing to the 
erroneous views adopted as regards the specific heats at absolute 
zero, the latter method was used together with the empirical equa- 
tions (6) and (8) which are only vahd at ordinary temperatures. 
We do not intend to spend any time, however, in considering these 
inv^igations. It will suffice to point out the error underlying 
them. 

We have seen that the Nernst Heat Theorem may be expressed 
in the following mathematical form : 

lim. ACp = 0 ; lim. AN = 0 . 


. (28) 
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The first parr of this statement tells ns that for enatalline solids 
undergoing anv change at absolute zero the specific heat of the 
system does not change, or, in other words, the sum of the specific 
heats of the reactants is equal to the sum of the specific heats of 
the resultants. Xernst interpreted this to mean that all substances 
at absolute zero have the same finite heat capacity. He then 
proceeded to calculate this value by extrapolating the empirical 
expressions given in Chapter YI to this temperature. 

In 1907. however. Einstoin (JTin. PJiysik., lOCiT, 22, 180) 
derived, from Planck's radiation formula, an equation for the heat 
capacity of a system of simple harmonic oscillators, and, since all 
forms of matter at low temperatures may presumably be regarded 
as made up of different sorts of these oseiilators, he predicted that 
the heat capacity of all forms of would approach zero at 

the absolute zero of temperature. Xow. although Einstein’s equa- 
tion is not in exact agreement with expe^rimental data, this pre- 
diction has been amply verified for all knot^Ti forms of real matter. 
Thus we see that Xeriist's assumption of a fiiiite limit for at 
absolute zero, may be regarded as disproved, and "we may state 
that the vanishing of in the neighbourhood of absolute zero 
depends upon the fact that is itself zero for all substances at 
that temperature. Actually experiment show’s that, in the neigh- 
bourhood of absolute zero, diminishes with such rapidity that 
not only Cp but also the ratio T approaches zero. However, 
we shall only assume for our formulation of the Third Latv that 
this ratio is finite, and write 

lim. Cp = 0 : iim. T is zero or finite. 
r=o ' ‘ 

The second part of the Xemst Heat Theorem states that iim. AS ^ U. 

1 = 0 

Xow classical thermodynamics gives us the followfiiig relation 
(Equation III (42)) 

^dS = \C^.d In T = \^dT . (29) 

and we may therefore evaluate the integral j dS between any two 

temperature limits, simply by plotting values of the ratio Cp/T 
as ordinates against the absolute temperatures as abscissae as in 
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Fig. 39. Tlie area below the curve-j say between and To, gives 
us the diSerence between the entropies of the system at these two 
temperatures. If one of the temperatures considered is absolute 
zexOj it is evident that since the area from T = 0 to T = T is finite, 
the entropy change in passing from absolute zero to any tempera- 
ture must be a finite positive quantity. That is to say, the entropy 
of all svJbstances must be at its lowest possible value at absolute zero. 
On integrating equation ’09^. we obtain 

IS = C, In r + s. 

where is the integration constant and is equal to the value of 



the entropy at absolute zero. This constant is entirely unde- 
tennined on the basis of the first two laws of thermodynamics. 

Since, however, it is found to be impossible, for any substance 
to have a value of the entropy less than for that substance, 
Planck (Ber. deuL chern. Ges.. 1912, 45, 5) suggested that we should 
equate to zero. Suppose we do this for all the elements. Then 
irnagine a cliernical reaction occurring at absolute zero, e.g. 
Pb r I. > - Since the entropy change acconqni'Hying the 

reaction is ztn*o, by Nernst's principle, it follows that the entropy 
of lead iodide is likewise zero. Thus we arrive at the important 
conception of absolute values of entropv. and the entropy functioii 
takes on an altogether new" significance. It is now' no longer a 
somewhat vague abstraction but a useful and powerful implement 
ill the hands of the investigator. 
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Wo are now in a position to <tato tiie Thinl Liw of Tiiermo- 
d^mannes in its most eompreiiensive and randaiiientai form, namely : 
Every substance lias a finite positive entropy, but at the absolute 
zero of temperature the entropy may lieeome zero, and do*-*s so 
become in the ease of perfectly erystalliiie substances, 
maticallv we mav \yrite the law in the form 



The statement of tin* Third Law which we have j!i>t L^iven 
confined to perfectly crystalline substances. It is tliertdfav neces- 
sary to justify this limitation and we propi^se to some of the 
evidence which has been accumulated, before passinff on to tiie 
applications of the Third La%v. 

Let us first of all consider the quf^^rion of solutions. What 
evidence is there that the entropy of a solution iit ai>sulute 
i.e. a solid solution or a supercooled liquid solution, i- irreater than 
the sum of the entropies of the pure const iruents : Suppose %Vf 
produce one mole of a perfect solution from its pure eonstirucrnts. 
These constituents are assumed to be sufficiently .'-imilar in pro- 
perties that they form an approximately ideal solution. Let the 
mole fractions of the constituents Xi and AL be Xj and resf^^- 
tively. Then the free energy change accompanying the transfer 
of Xi moles of Xi from the pure substance to the solution will be 

X^RT In the mole fraction in the pure siil>stanee bcdng unity. 

Similarly, the free energy change accompanying the transfer of 
X^ moles of is X^RT hi Ah. Hence the total increa.^e in free 
energy accompanying the formation of one mole of soiiitioii is 

\F ^X,,RThi X,-^ X,.RThi X:, . . . ( 31 ) 


But we have seen that 


Hence bv diffrrenth 


equation (21) we obtain 


-AS = 


: Xi.R hi Xi -f- X^,R hi Ah 


Let us take the case, for example, where Xi = X.^ 0*5. Then 
XS = — R i 0*5 — J? bf 2 ^ 1-4 calories dt^gree. 


I.T. 



290 THIED LAW OF THERMODYNAMICS 

This entropy difference is a constant for any temperature provided 
the resulting solution is ideal. If, now, the solution remains per- 
fect down to absolute zero the same entropy difference will per- 
sist, so that if the value of ioT the pure components is zero, the 
value of So for the solution will he 14 calories per degree, per mole 
of solution. On the other hand, if the solution becomes less per- 
fect at lower temperatures, as often happens, it might be possible 
for^ this departure from the ideal state to bring about a reduction 
of the entropy of the solution so that it would become zero at 0"^ K. 
Now we have seen that 

dT T 

so that a reduction in the entropy difference between solution and 
components involves a positive value for AC^, where is the 
difference between the heat capacity of the solution and the sum 
of the heat capacities of the components. This was tested experh 
mentally by Gibson, Parks and Latimer (J. Amer. Chem. Soc., 
1920, 42, 1542) who measured the specific heats of supercooled 
ethyl alcohol, propyl alcohol and their equimolecular mixture, 
from room temperature down to 86° K. Throughout the range 
they found no appreciable difference between the heat capacity 
and the sum of the heat capacities of the constituents, i.e. AO^ 
was found to be zero within the temperature range measured. It 
is therefore safe to assume that the diminution in the entropy in 
this range is neghgibly small. Commenting on these results, 
G. N. Lewis says : 

It is true that a difference might appear at still lower temperatures, but 
it was pointed out by Lewis and Gibson (J. Amer, Chem. Soc., 1920, 42, 
1529) that even if this phenomenon were to occur in some solutions, it could 
haidly (^cur in such a way as to reduce ASq to zero for all types of solutions. 
Thus with a mixture of t\^’0 almost identical organic isomers we should expect 
ACp to be n^irly zero, and therefore AS to be nearly constant, over a wide 
range of tempemture. This reasonable surmise becomes a conviction when 
we consider the extreme case of a mixture of two isotopes. Here we have 
sutetances which are so nearly identical in properties that as yet no way has 
been found for bringing about their separation. We even know isotopes 
which have not only the same atomic number but the same atomic weight. 
It hardly conceivable that two such isotopes would suffer any measur- 
able change in h^t (sapacity on mixing, and therefore we must conclude that 
in such a case the entropy change on mixing remains essentially constant 
down to ti^ ateolute zero. 
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In fact one ^ciutk-n already rx:eii tb*jr*:iudily investigated. 

Ordinary iead is knovn t<'; be a mixture c-f i>eHOi^s, and yet its specific heat 
at low tempenitures foIIo\\s cuantitativeiv the c^aurse that would be pre- 
dieted from the tehuvi'_ur ft father merais. 

Not only does me Tkird Law appear to break down in the case 
Oi solutions, however, out the work of cilbsoiL and co-workers on 
the specine neat ot supercooled liquids led Lewis and Gibson (lo^. 
at.) to predict that the entropy of a pure supercooled liquid would 
be considerably greater than that fur pure crystalline solids. The 
most decisive evidence on this point is the work of Gibson and 
Giauque (J. Amer. Che/k. Soc.. 1923. 45, 93j. Their results for 
the molecular heats of amorphous, and crystalline ulvcerol are 
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Fig. 40. 

shown in Fig. 40 where they are plotted against log T. The entropy 
of fusion for glycerol is 15-02 calories per degree. In order to 
establish the Third Law for supercooled liquids, the integral 

A5= I AG/ /nr 

must be equal to this. The area between the curves of the plot 
multiplied by 2-303 and taken between the limits 0^ K. and K., 
where is the melting-point of crystalline glycerol, gives us the 
value of this integral. 
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Gibson and Giauque obtained for this area only 9-39, lea\dng a 
discrepancy of 15*02 — 9-39 = 5-63 calories per degree. The 
dotted portion of the curve for the crystals is due to Simon (A^in, 
Physik, 1922, 68, 241) who determined the specific heat down to 
liquid hydrogen temperatures. The upper curve, due to the super- 
cooled liquid, manifests a sharp break which suggests a change in 
phase, but the evidence seems to be against this, especially as the 
two curves do not quite coincide even at the lowest temperatures 
investigated. It is, of course, possible that the liquid curve might 
diverge again at still lower temperatures and it would be very 
desirable to obtain further data on the subject. Wietzel {ZelL 
anorg, Chem., 1921, 116 , 71) has obtained similar results in the 
case of crystalline and amorphous quartz, but here again the data 
do not extend to sufiiciently low temperatures to be quite con- 
clusive. In view of these experiments, however, it seems preferable 
to limit the Third Law to the case of pure crystalline solids, as we 
have already done. 

Experimental Evidence for the Nernst Heat Theorem. 
From the foregoing considerations it will be evident that the most 
direct methods of testing the heat theorem or of applying it to 
the calculation of free energy changes, depend upon the use of 
the equation 



A CpdT 


= AH -T AS (33) 

The change in entropy accompanying the reaction, AS, may be 
determined from a consideration of the G.^ curves of the reacting 
substances. Op is plotted against hi T when the area below the 
curves gives for the particular substance under consideration 
from absolute zero to the temperature of the experiment. The 
algebraic sum of all these terms AS' gives the entropy change AS 
for the reaction. If one or more of the reacting substances is in 
the gaa^us phase it is evidently only necessary to add the entropy 
change of vaporization to this value. Ha\dng obtained the entropy 
change accompanTung the reaction, the calculation of the free 
ener^ change from the heat of reaction may be accomplished by 
di^t sul^titution in equation (33). 
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The necessity of obtaining accurate specific heat data at low 
temperatures was realized hy Nemst Iiimself, and, in fact, liis 
mt^tho^l of nieasuriog this function iias r>een hdlowed in all tlie 
reeeiit w^a-k at low T-mperanire-. The siibstaiiee. of wliieli tlie 
specihc heat i> to oe measurt^d. is placed in a container wliieh is 
siippiiefi witii an electrical heatiiiLr coil and a thermocouple or 
rcsisTanct' tb^rmometer. A measured amount of electrical enernv 
IS siipplietl tci Tlie heatinu coil, and the rise in teiiiperaturc is 
measured. In order to preveiir heat exchange with the surroundings 
by condiicrion, the container is suspended in a vacuum. Radiation 
is prevented by wrapping the container in silver foil. Since a very 
high vacuum may be obtained and radiation is n^-gligiish* at low 
temperatures, the leakage of heat is practically fEminaterl. The 
principal source of error lies in the imcertaiiity of tlie rempjeratiire 
measurements, ^ince Indtov IX) K. thermocouples and resist- 
ance thermometers Ixdiave in an anomalous manner and caiibratif.ca 
is difficult. For derails the following references should b»‘ con- 
sulted : Nernsr, J, (4), 1910, 9, 721 : Neriist, Koref and 

Lindemann. Sifz. her. Preim\ Al'ad,, 191u, 247, 202 ; Neriist. 
Ann. Phu^ik. 1911, 36, 395 : Eiicken, Phjs. Zvd.] 19o9, 10, 580 : 
Eiieken and Scliwers, Sitz. her. Prems. Ahuh, 1914, p. 369 ; Kam- 
meiiiiigli, Onnes and Keesom, Proc. Arnstenhm Aknd.. 1914, 
894. 

The following illustrations of the applicability of the Nernst 
Heat Theorem ^vilI give the student an ide;i of the application of 
the principle to the calculation of free energy change. They are 
taken from Lewis and Randall's book already mentioned. 

I. Let lis consider the reaction Sulphur {Rhombic) — N (Mono- 
clinic). From the measurements of Nernst {Ann. PliimL. 191 L 
36, 345) and Wigland (ib., 1907, 22, 64) on the s|>eciMe heats of the 
two common crystalline forms of sulphur, the entropy per gram 
atom of rhombic sulphur at 25' C., S' 29 s« calories per degree. 
It is usual, especially in America, but more recently also in other 
countries, to measure free energy ehar*ges, etc., at 25' C. or 298"^ K. 
This has the advantage of standardizing the data. The data on 
the specific heat of monoclinie sulphur are not good enough for 
a very accurate determination of the entropy of this substance, 
but thev permit an estimate which shows the entropy of this form 
to be two or three tenths of a unit higher than that of the rhombic 
form. By means of free energy data for this reaction we obtain 
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29S — ; and the heat of reaction is found to be Aff^ags = 

Hence 





_ 


82 - 17 
298 


IL We may now consider the transformation of white tin into 
grey tin. Bronsted {Zeit pJiys. Ghem., 1914, 88, 479) investigated 
the specific heats of these substances and obtained the following 
results : 


'r K. 

h vj T. 

Cp (white) 
obs. 

(gi’ey) 

obs. 

(grey) 

calc. 

79-8 

1-9020 

4-64 

3-80 

3-80 

87*3 : 

1-9410 

; 4-87 

4-07 

4-07 

94*8 ; 

1-9768 

6-07 

4-30 

4-31 

194-9 

2-2898 

! 6-20 

5*66 

5-60 

197-2 

2-2949 

i 6-23 i 

5-71 

5-64 

205-2 

2-3122 

6-25 

5*75 

5-69 

248-4 

2-3952 

i 6-36 

5-87 

5-86 

256-4 

2-4080 

6-37 

5*88 

i 5-88 

264-3 

2-4221 

6-38 

5*89 

1 5-90 

273-0 

2-4362 

6-39 

5-90 

1 5-93 

288-1 

2-4596 

6-40 

5-91 

! 5-97 


The last column contains values calculated with the aid of 
Debye's equation for specific heats {vide infra). It will be evident 
that the agreement with the observed values is good. 

We now plot the values of log T given in Column 2 as abscissae 
against the values of for each of the allotropes as ordinates. 
The curves are extrapolated to absolute zero and the area below 
the curve between the limits T = 0 and T = 298, is determined 
in bolh Gs^es. This area multiplied by 2*303 gives us the absolute 
value of the entropy of the substance at 25° C. since the value 
at absolute zero is zero. Doing this we obtain for white tin 
^''gss = 11*17, while for grey tin we obtain Hence 

for the reaction &n (white) — Sn (grey) we have 

2^8 = 9*23 — 11*17 = — 1*94 calories per degree. 

Bronsted has also made a careful investigation of the heat of 
this reaction and the free energy change at 25° C. The difference 
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between his values divided by the absolute temperature, 298^, 
gives AS ' 29 5 = ■— FS7. The diderence between these two values 
is only 0*07 and Bronsted's measiiiemeiits thus form an excellent 
confirmation of the Third Law. 

III. Extropy of Iodine. The measurements of the specific 
heat of iodine are nor sinrieienrly trustworthy to enable us to 
determine the entropy of this substance. Giintner (A/rn. Pliysik., 
1916. 51, S2Sj attributes this fact to a slow transition between 
two forms of iodine. We may, however, proceed as follows : 
Lot us determine the EALF. of the cells 

p/I Pb ^ Fbh ' PbClO.aq. ! PbP \ Idsh 

{h) Pb Pbl, ] Klaq, \AgI | Ag 

We thus obtain the free energy change of the reactions 

in) Pb~~I.{s)^PhI.; AF% 

(6) Pb-^2AgI = PbI.~-2Ag: AFV 

The heats of these reactions may also be obtained. Denote these 
by AHy. and AH%.. Hence for reaction (a) 

A*S''29 s = ~ = ~ 1*- calories per degree. 

— «yO 

Similarly for reaction (b) we obtain = — S*0 calories per 

degree. Now from the work of Lewis and collaborators, we have 
for P6, >S %93 = 15-5 ; ioiPbl^. /5^2S8 = ; for Ag,S^t^% = 10*2 ; 

and for Agl, ; all these values being obtained from 

specific heat measurements. Hence for reaction (a) 

S^'^UPb) - AS%98{i/2) -= S^MPbl.) 1-2 
or 15*5 == 41-3 -r 1*2. 

Hence ^i^)) ~ 13*5. 

On the other hand, by combining reactions (a) and {b) we obtain 
Ag — iLy (5) = Agl ; AS’ 293 = — 34 calories per degree. 
Hence we have 

S^ (Ag) - HI 2 (s)) = {Agl) - 34 
or 10-2 -r S= {s)) = 26-8 - 34 

so that S’ 295(2^2 (^)) = 13*2- The difference between these two 
values for the entropy of iodine at 25’ C. is 0-03, so that we have 
again an excellent experimental verification of the Heat Theorem. 

IV. A fourth interestirig example is the calculation of the entropy 
of oxygen, by three different methods. From the measurements 
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of Eucken of tie specific lieats and tke heats of transformation 
of various forms of oxygen we obtain for the entropy of oxygen 
at 25° C. as gas, /S °29 8(i02, = 24:T. 

From a similar investigation by Eucken of carbon monoxide we 
obtain, aS°298(C0, g) = 45-6. For carbon in the form of graphite, 
specific heat measurements give ^°298 = 1*3. The free energy 
change and heat change of the following reaction have been 
obtained: AF °298 = - 3^^, 510, Ai ?°298 = - 26,140. 

C (gi*aph.) A W, = CO ; = 21*4. 

Hence 1*3 -f g) = 45-6 - 21-4 

so that ;S°(iOo,^) = 22-9. 

The third method, which is very reliable, is based on the measure- 
ments of Gunther {Ann. PJiysik., 1916, 51, 828), of the specific 
heat of mercuric oxide. This gives S'^ 296 {HgO, s) == 16-3. The 
entropy of mercury is Imown to be S'^ 2 Qs{Hg, 1) — 17-8. Consider 
the following reaction : Hg {1) -f = HgO. 

We have AF °298 =— 13,810 ; Afl ‘°298 21,600. Hence we 

may writo 


AS oofl — 


- 21,600 -f 13,810 


- - 26*1. 


We thus obtain 


>S° (Hg, 1) -r (i02, g) = (HgO) + 26-1 
17-8 d- (I-O 2 , g) = 16-3 -h 26-1 
or ;S° (JO 2 , g) - 24-6. 

These three values, 24T, 22-9, 24-6, are very satisfactory w'hen ive 
consider the number of different experiments required for their 
calculation. 

These experiments have given us at least an indication of the 
methods of employing the Third Law, and have served to show 
the excellent experimental basis upon which it rests. 

In addition to experimental methods of determining the specific 
heat of solids at low temperatures, various attempts have been 
made to obtain a theoretical formula for the specific heat on the 
basis of the quantum theory. The most successful of these formulae 
is that due to Debye {Ann. PJiy^ik, 1912, 39, 789). He considers 
a monatomic solid as a homogeneous isotropic elastic medium, and 
msmmB the heat energy to be present in the form of vibrations 
which range all the way from ordinary sound waves up to vibra- 
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tiuiis of d liiiiiting fr^giieney. wliicli prci^umably corresponds to 
the frequency of the individual atom, r. of the Einstein equation. 
The toral number of these vibrations is not infinite, as is assumed 
ill the ordinary theory of elasticity but is equal to 3 N, the number 
of degrees «•£ freedom of a solid body eontaining W atoms. From 
the theory of eiasticity Debye oiuains an expression for the number 
of vibrations dz wiiieh lie between r and r ~ di\ 


Employing this value he gets for the specific heat at constant 
volume 


= 


9A.a-^ 


fju L-T 


1 ) 




dv 


where k is the well-known Planck constant, h is the gas constant 
per atom. It will be observed that the expression gives G^., as 
indeed do all tlie theoretical formulae obtained by tliis method. 
We may, however, obtain very simply by means of equation III 
(35), viz. 


C=G 


WT 


where x is the coefficient of expansion, /J is the compressibility of 
the substance considered. The values calculated by Bronsted for 
the specific heat of grey tin illustrate the applicability of this 
formula. When T is large it takes the approximate form G^ ~ ZE. 
YTien T is small it reduces to = aT^, where a is a constant. 

It will be evident from the foregoing considerations that it is 
Iiighly desirable to have at our command a table of the entropies 
of all the various elements. A considerable amoimt of useful work 
has been done in this direction and the following table taken from 
Taylor's Treatise on Physical Chemistry (1931) contains the most 
recent values. A very useful collection of free energy data will 
be found in the International Critical Tables, vol. vii, 1930. 

Largely owing to the untiring efforts of G. X. Lewis and his 
coUahorators an enormous mass of free energy data has been 
accumulated, and tables of the free energy changes accompanying 
the synthesis of various compomids have been compiled. Before 
closing this chapter we propose to give one illustration due to 
G. X, Lewis of the limitless applications of these data. 
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ATomc Entropies at One Atmosphere and 298° K. 


Hydrogen ( JHo 
Hydrogen (H) 
Helium 
Lithium 
Beryllium . 
Carbon (diamond) 
Carbon (graphite) 
Nitrogen {IN o) 
Oxygen (JO.) 
Oxygen (0) 

Neon 
Sodium 
Sodium (g) . 
Magnesium 
Aluminium 
Silicon 

Sulphur (rhombic) 
Chlorine (JOL, g) 
Argon 
Potassium . 
Potassium (g) 
Calcium 
Titanium . 
Chromium 
Manganese . 

Gold 

Mercury (I) 
Mercury (g) 
Thallium . 
Chlorine (Cl, g) 


17*00 

28*75 

30*13 

7*6 

7*3 

0*6 

1*4 

22*98 

24*51 

38*04 

34*95 

12*46 

36*73 

8*12 

6*73 

4*54 

7*70 

26*3 

37*00 

16*5 

38*3 

10*4 

6*6 

5*8 

7*3 

11*0 

18*3 

41*8 

14*8 

39*40 


Iron 
Cobalt 
Michel 
Copper 
Zinc . 

Bromine (^Br^, I 
Bromine (Br, g) 
Krypton . 
Zirconium . 
Molybdenum 
Huthenium 
Rhodium . 
Palladium . 
Silver 
Cadmium . 

Tin (white) 

Tin (grey) 

Iodine (J/., s) 
Iodine (J, g) 
Xenon 
Lanthanum 
Cerium 
Tungsten 
Osmium 
Iridium 
Platinum 
Lead 
Radon 
Thorium 
Uranium 


7*2 

7*2 

8*0 

9*7 

16*3 

41-7 

39*18 

9*5 

7*5 

6*9 

7*6 

8*9 

10*2 

11*68 

12*45 

10*73 

13*95 

43*20 

40*53 

13*7 

13*8 

8*1 

7*8 

8*7 

10*0 

15*5 

42*11 

13*6 

11*1 


A ote. Elements having a nuclear spin s have an entropv, both in the 
^mentary state and in compounds, that is greater by an amount R In (25 4- 1) 
F^r gram atom than it would be if the element had no nuclear spin. If the 
tliermal data are obtamed to a sufficiently low temperature, the entropy as 
calcukt^ from them would include this term R In (2s -\-\) but only the 
of elemental hydrogen is this knoTvm to be included. Thus the values 
|ven for mol^ular and atomic hydrogen in the table are higher by an amount 

r»f If 17 ^ atom did not have a nuclear spin 

thermodynamic calculations it will be necessary to add the 
hydrogen to the entropy of hydrogen com- 
^ elements that have 

its oriTriT^ ^ arise b^anse the entropies of an element and 

theoreti^^ experimentally will each be less than the 

theoretical values by the amount Rln(2s^l) per gram atom of the element. 

Some years ago a distinguished chemist proposed some ex- 
l^imen s to etermine whether nitrogen under pressure would 
eqi^ra aqueous ammonium nitrite according to the 

A% - 2H,0 = NH+ + NOi- 
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O. X. Lewis proposed to answer the question immediately from 
the free energy table-. He obtained the following data from his 
tables 

2 H 2 O il) = Eiements ; AF' 25 s ^ — 113,120 cals. 
Elements = XHr • AFAss = — 18,930 cals. 

Elements = cals. 

Hence the free energy cliaiiirc accompanying the reaction under 
consideration is given by 

AFA^ss = 113,120 — 18,930 - 8.5<mj =- 85,690 cals. 

Xow, from the vaii’t Hoff isochore. 

— AFA§g — RT In /C. 

Substituting the value of AF'^gs obtained we obtain 

K = = 10-63 

' LVs) 

In other words, the reaction would be far too small to be detected, 
by the ordinary methods of analysis, i.e. down to about 21. 



CHAPTER XIII 


HETEROGENEOUS SYSTEMS 

Our cousklcratious have hitherto been confined mainly to the 
case of homogeneous systems such as gases or liquids, although it 
will be evident that we have made no attempt to confine ourselves 
rigidly to such systems. In the present chapter, however, we 
propose to consider more particularly the applications of thermo- 
dynamic principles to heterogeneous systems, systems consisting 
of more than one phase. This is a field of great importance and 
much of the pioneer work is due to the celebrated J. Willard 
Gibbs. 

The most important generalization resulting from the applica- 
tion of thermodynamics to such systems is that known as Gibbs’ 
Phase Rule. It is beyond the scope of this book to attempt to 
give an account of this rule and its practical utility. We shall, 
however, proceed to give a deduction of the rule on the basis of 
thermodynamics. 

The phase rule deals in a general kind of way with heterogeneous 
equilibria. The systems considered may be undergoing a chemical 
or a physical change, but the phase rule is only applicable when 
a condition of true equilibrium exists. The only changes con- 
sidered in its deduction are those of temperature and pressure. 
Other accompanying changes due to the action of light, capillarity, 
electricity, magnetism, etc., are left out of account. It is of great 
importance as a means of classification of the various kinds of 
heterogeneous reactions. It renders possible the grouping together 
of a large number of apparently disconnected phenomena and has 
actually led to the discovery of new substances and to a know- 
ledge of the conditions under which they can exist. 

It is. first of all, necessary to defirne the various terms employed 
m the formulation of the phase rule, and this we shall now pro- 
ceed to do. 

I. Phase. A phase is a mass of substance which is physically 
and chemically homogeneous. It is separated from the other phases 
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by a dennite boundary of separation, known as tlie surface. It 
is evident that, in any system, there can only be one gaseous phase, 
since gases are completely miscible. Any substance is, in general, 
capable of existing in more than one phase protided the con- 
ditions. temperature, pressure, etc., are suitable. Thus, for in- 
stance, the substance iioii 2 ene can exist in the three phases solid, 
liquid, and vapour. Water is capable, as work upon the phase 
rule has demonstrated, of existing in either seven or eiaht ditferent 
phases, vapour, liquid, and several allotropic forms of solid. The 
phase rule defines the conditions under which some of these various 
phases can exist together in equlKbrium. 

IT. Degree of Freedom. We know tiiat tlie equilibrium in 
any heterogeneous system is independent of the absolute amounts 
of the phases present. Thus, for example, .Mippose we have a 

system of three phases in coiitact A, B, C, e.g. Iodine 

CS^ A in contact with water and carbon disulphide. If 

the system is in equilibrium we dr* not upset this 

II JJ B equilibrium by remcrdng some of any of the phases 

A, B, C. and this is true even when the three phases 

is C are nor ail in immediate contact. Thus, in the dia- 

gram, C is not in contact with A directly, hut, by 

the Nernst Distribution Law, the ratio of the concentrations of C 
in A and B is a constant, independent of the absolute quantities 
of A and B present. Thus the concentration of icKline in water 
and that of iodine in the carbon disulphide are fixed, since iotliiie 
is present and the solutions are saturated, so that we have no 
degrees of freedom of concentration in this system. In this system 
w-e have rdso the temperature and pressure to take into considera- 
tion, so that the total number of degrees of freedom is f-wo. The 
total number of variables of tlie system is, however, great^^r than 
this, but. as we have seen, several of thesi‘ variables are inteT- 
deptuident, so that change in one iiecessitat<\s a change in otliers. 
The number of degrees of freedom may hv defined as the least 
number of the variables of a system wliicli must be arbitrarily 
fixed in order to define the system completely. In tlie case of a 
gas in the pure state, we liave three variables, pressure, tempera- 
ture and volume. But only two of these are independent, the 
third being fixed automatically according to the gas law PT ~ RT 
per mole. Hence the number of degrees of freedom of such a gas 
is two. In the case of a liquid in contact \rith its saturated vapour 
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the number of degrees of freedom is one, since, if we fix the tem- 
perature, the vapour pressure is automatically fixed. 

III. Components of a System. To define the composition 
of any given phase several methods may be adopted, but which- 
ever way we choose, we require to express the concentration in 
terms of the components present. We define the number of 
components of a system as the least number of independently 
variable constituents by means of wdiich we can represent the 
composition of all the phases present in the form of a chemical 
equation. For example, consider the case of an anhydrous salt 
in contact with its saturated solution. We have three phases, 
solid salt, liquid solution, and vapour. Two components may, 
however, be employed to express the composition of each of the 
phases, i.e. salt S and water. In the liquid phase, if we express 
concentration as parts of component in 100 parts of solution, by 
weight, we have, if x grams of S are dissolved in 100 parts of solu- 
tion, the composition xS : (100 — x)Il 20 . The sohd phase has 
the composition 100 S, and the vapour phase has the composition 
100 jffjO. Now we might have chosen the three components 
O25 and S to represent the compositions of the different phases, 
but these are not all independently variable, since the ratio of 
hydrogen to oxygen is the same in all the phases, viz. 2 : 1, as in 
water. Again consider the system obtained when calcium car- 
bonate is heated, viz. the equilibrium 

CaCO, ^ CaO + CO^ 

sohd solid gas 

Here we have a two component system, since we can express 
the composition of each phase in terms of any two of the three 
substances, CaCOg, CaO, CO 2. It is quite immaterial which pair 
of these substances we choose. Thus, suppose we take CaCO^ and 
CaO as the two components. Then the composition of the various 
pbu^^ is given by 


Phase 


Molecular Composition. 


Percentage by Weight. 


€aOO^ 

CaO 

CO^ (gas) 


100 CaCOs + 0 CaO 

0 CaCO, + 100 CaO 
100 CaCO, - 100 CaO 
{= 100 CO.) 


100 CaCO, -f 0 CaO 
0 CaCO, 4- 100 CaO 
100 

-j^(100 CaCO, -56 CaO) 
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It is usual to avoid the use 
expressing the composition of 
we usually take CaO and CO^ us 
as the molecular concentration; 

f 'nCO- i solid j 
CaO I solid) 

CO 2 


if negative quantities, however, in 
phase, so that in the above case 
the components. We then obtain 
the followinsr : 

Molecular Concentration. 

W)CaO - IWCO. 
m CaO - 0 CO. 

o CaO ~r 1(m:> CO. 


Another example is that of reciprocal salts and water, the salts 
being in solution, AB — CD = AD — CB, thus 

XH,CI - XaXO, - XH,XO, - XaCL 

These four substances form a four component system whether 
the solid phases are present or not. We may take as the com- 
ponents, three of the salts and water. Again if we heat ammonium 
chloride the system may be represented by one component, XH^CL 
In the gaseous phase we have dissociation according to the equation 

XE,C1 - XH, -r HCl 

but, since neither of the gases formed are removed from the gaseous 
phase the ratio of XH^ to HCl in the gaseous phase is a constant, 
and equal to that in ammonium chloride. This is an excellent 
illustration of the difference between a chemical constituent and 
a component of a system. The vapour phase is represented by 
one component although some of the XHJJl is dissociated so that 
there are three chemical constituents. Of course if we add XH^ 
or HCi to the system we can no longer represent it by the one 
component XH^A, we obtain a two component system, since the 
ratio XH^/HCl is not fixed throughout. One further case will 
perhaps serve to make the point clear. Let us consider copper 
sulphate crystals, CiiSOi.oHoQ- This substance on heating gives 
the tri-hydrate and finally the anhydrous salt. There are four 
phases, the vapour and three solid phases. The number of com- 
ponents is two, CuSOi and E^O, Out of these two components 
we can btald up each phase. One is not enough, since we could 
not then obtain the different hydrates. 

The phase rule is an expression which defines the relation between 
the number of phases p, the number of degrees of freedom /, and 
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tEe number of components of a system n, when the system is in 
equilibrium. Now we have seen that the thermodynamic criterion 
of equilibrium for any system under constant temperature and 
pressure is 

- 0 . 

Thus suppose we consider one of the components X, say, present 
in two phases I and II. If equilibrium exists between the two 
phases, the free energy change accompanying the transfer of say 
one mole of X from phase I to phase II is zero. - In other words, 
the free meigy per mole of X in phase I is equal to the free energy 
per mole of the same component X in phase II. Expressed mathe- 
matically we may write 

^ ll.X 

where Ej y ^^.nd are the partial free energies per mole of X 

in I and 11. If three phases are present, we may define the con- 
dition of equilibrium by two equations thus 

V = ii.x ~ ^ iii.x- 

Similarly, if there are four phases we require three equations. 
Hence if there are p phases we have — 1) thermodynamic equa- 
tions. But there are n components so that the total number of 
thermodynamic equations which are necessary, in order to define 
completely the equilibrium condition is n{p — I). Now in any 
such system we can also alter the temperature and pressure. These 
represent two of the variables of the system. Moreover, it is 
evident that each of the components may be at different con- 
centrations in each of the phases. Let us fix our attention upon 
one component X. Concentration terms are essentially ratio terms 
and may be expressed as the number of moles of X divided by the 
total number of moles present. If there are n components present 
in each phase, then it follows that there are n — 1 ratios necessary- 
to define the composition of each phase completely. But there 
are p phases, so that the total number of such ratios is p{;n — 1). 
Hence the total number of possible variables of the system is 

N = p{7i _ 1 ) 4 - 2 . 

Of this number we have seen that only a limited number are inde- 
pendent, this number being the number of degrees of freedom /. 
Now the numW of degrees of freedom is evidently the number 
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of possible variabie.s tor wliicii tlien* an* liu tliormodynamic etj^un- 
tions wMcE must be satisfied. That is 

f=y- nip - 1 ) 

= pift — I) — 2 -- tdp ~~ ] I 
so that / ^ — p ~ 2 

or the number of degrees of freedom of any system which is in 
equilibrium is equal to the number of components of the 
minus the number of phases present plus 2. This is the faintais 

phase rule of Gibbs. 

The investigation of heterogeneous equilibria in the light of this 
phase rule has attained to enormous proportions and we do ncjt 
propose to consider the matter further. Excellent accounts of the 
methods employed and the results ohtained will he foimd. in Find- 
lay s Pham Ruh and Clibbens' Pham Theory. We shall now pass 
on to a brief consideration of surface phenomena in the light of 
thermodynamics. 

Surface Tension. It is a well-knovai fact rlutt owing to the 
cohesive forces between the molecules of a fiiiid., the surface of 

B B' 


ds 


Cl A dcL A' 

Fu:. 41. 

that fluid, i.e. the houndary the fluid and some other 

phase, behaves as tiiongh it wt^rt* siihjf*rt to a acTing tan- 

gentially and Tending to separate two iMiniens of that surface 
meeting iilong any line in the surface, of length I. with a fiL 
Tlie force per unit length a is knotvii as tlie Surface Tension. Ltft 
us consider a rectangular portion of the surface of leiiirth « and 
width L area is s — u/ (Fig. 41). Suppose we stretch the siirkee 
by an amoimt ds in area, by moving end AB a distance da to A'B\ 
The force acting along the line AB is aL Hence the work done 
upon the system is 


I.T. 


al X da — ads. 


K 
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Tids worli is ii6C6ssarry in ord6r to incroaso tli6 surfaco area by an 
amoimt ds, so that tbe -work required to increase tke area by unity 
will be 0. Now in considering this work term we kave not taken 
into account any ckange in tbe volume of tbe system as a whole 
and we must therefore equate a to tbe free energy change of tie 
sptem when tbe surface is increased by unity. Let us consider 
a two-phase system, such as water in contact with its vapour. If 
we change tbe area of tbe surface of separation, there will, in 
general, be a volume change. Let us suppose that tbe tempera- 
ture of tbe sptem is constant and determine tbe change of surface 
tension with pressure. Now tbe free energy is entirely dependent 
upon tbe pressure and tbe surface, since tbe volume depends upon 
the surface and the pressure, i.e. we may write F = 0 {s, P) where 
0 (s, P) merely indicates the fact that P is a function of s and P 
alone. Hence by analogy with equation I (25) we have 

■ • • • ( 1 ) 


J 


3 /^\ 1 ^ pi 
spvasjpj^ 


sjp 


or since tbe surface tension a is equal to tbe free energy increase 


( dF\ 

—j , and ^ 


^ T7 

and 


obtain- 


daX _ 


Tills equation gives us the dependence of the surface tension upon 
the pressure of the system, the surface being maintained constant. 
In a similar manner we may write — 


But we have 


so that 


^1. 1 - f- 1 (3) 

_dT \ds ) _ds \dT/ ^ 


dF .dF ^ 

aT = '’“'‘OT = -® 


or replacing — S by its equivalent —{F — H), we obtain- 


(4) 


( 5 ) 



heterogeneous systems 


307 


ijV 


t/^\ =ff- 

\btJ, 



(6) 


This 0spr6ssion is c'vif'h'iitH* 6<^xiival6iit to tho Gibbs-Hoiniholtz 
equation in the form 


AE - AiT = 



The expression a — is frequently termed the total surface 


energ}\ but the name is rather ill-chosen, depending upon the use 
of the Gibbs-Helmholtz equation in the alternative form connect- 
ing A.4 and AU. If M is the molecular weight and v is the specific 
volume o{Mvf is known as the molar surface free energjq and 




sometimes known as the total molar 


surface energy. 

Frankenheim {Jount. f. jjralct. Cliem., 1841, 23, 401 ; LeJire von 
der Koltdsion, 1836, p. 86) foimd experimentally that the change 
of surface tension with temperature is linear for temperatures 
sufficiently far removed from the critical point of the substance 
imder consideration. That is, we may write 


~ ^ Constant ; g — A BT (7) 

cT 


where A and B are constants. 

Eotvos {Wied. Ann., 1886, 27, 452) obtained empirically the 
following linear expression 

a(Mvf = liT, - T) ( 8 ) 

where is the critical temperature of the substance, h is a con- 
stant which is the same for all non-polar liqnids. This equation 
states that the molar surface free energy is directly proportional 
to the difference between the temperature of experiment and the 
critical temperature of the liquid under consideration. 

Ramsay and Shields {Zeit. ^hys. Chem., 1893, 12, 433) have 
modified this equation by inserting another constant e which has 
usually a value about 6. The revised equation is 

=.h{T,-T -e) (9) 

Liquids containing hydroxyl groups have abnormal values of Ic. 
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If, now, we differentiate tins expression of Ramsay and Shields 
we obtain 

(S) "" ~ WiMvf (10) 

which is evidently negative. Hence by equation (6) 

(f).- 

which is positive. Thus -we see that an increase in the surface is 
accompanied by an increase in the heat content, that is, by absorp- 
tion of heat, or a cooling effect. 

Let us now differentiate equation (10) with respect to tempera- 
ture keeping the surface constant. We obtain 


But by equation (6) 



so that on differentiating with respect to temperature, keeping the 
surface area constant we obtain 



But since J?Js a function of T and s we may write 

dm 

dTds 


dsd-T a/ 


Hence we obtain 


- - -(S) 


= 0 . 


(13) 

(14) 


or the specific heat of the liquid at constant pressure is independent 
of the size of the surface. In other words, the surface layer has 
not a characteristic specific heat of its own, but the same as the 
liquid in bulk. This, in fact, is the significance of the constant fc 
in the expressions of Eotvos and Ramsay and Shields. 

When a^ociation of the molecules takes place we may have 
more than one molecular type present. One or other of these 
types may a<x^umulate in the surface, causing a variation in the 
sp^ific heat as compared with the bulk of the liquid. The coeflS.- 
cient k would not then be constant. Thus in the case of water. 
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if we assume that the liquid consists of double molecules, the varia- 
tion of 1: is from about T59 between 3' C. and 40'' C. to 2*27 between 
150^ C. and 210' C. The following are some of the values of the 
constant Ic for noii-associated liquids, given by Freundlich. 


0))sc*rvfr. 


Xitru:reii 

. . 

Baiy and Doniian ’ 

Oxvjien 

. . 1*92 


Araoii 

. . 202 


(’hloriiic 

. . 2-10 

Marchand - 

Carbon monoxide . 

. . 2-00 

Baiy and Doiuiau ^ 

^Silicon tetrachloride . . 

. . 203 

Ramsay and Shields ^ 

Sulphuryl chlc^ride , 

. . 210 


Ethyl ether 

. . 217 


Carbon tetrachloride 

. . 211 


CarlK>n bisiilphicle . 

. . 202 


Benzene 

. . 2-10 


Aniline 

. . 205 


Xitrobt'uzene .... 

. . 2-23 


Pvriiline 

. . 2-23 



^ Baiy and Dorman, Journ, Chem. Soc.^ 1902, 81, 907. 

-Marchand, Joum. d, chim. pJiys., 1913, 11, 573. 

® Ramsay and Shields, Zeit. fhjs. Chem., 1893, 12,. 433. 

Since the surface tension cr has the form of a free, energy quan- 
tity, we may write a = AF, where AF is the increase in the free 
energy accompanying unit increase in the surface area. Now, by 
equation (6) we have 



Put — = AHg. then AEf^ is the heat change corresponding to the 

free energy increase AF. i.e. to the increase in the surface area of 
one unit. We may now differentiate this equation and obtain 

— If — 

provided the o, T curve is linear. 

We may now apply the Nernst Heat Theorem to the case of 
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surface tension in tlie following manner. We have seen that this 
theorem states 

lim. AF = lim. AH ; and lim. = lim. = 0 

T==o T = o T = o^-^ r = 


Hence we may write, that in the neighbourhood of absolute zero 
cr = AHg, and 


lim. 

r = o 


da 


lim. = 0. 
T = 0^^ 


The a, T curve for any substance must therefore approach the 
temperature axis asymptotically in the neighbourhood of absolute 
zero. 

Adsorption. When two or more homogeneous phases are 
brought into contact, the surface of separation is not merely a 
two-dimensional boundary, but it has a certain definite thickness. 
That is to say, when we pass from one phase to another, instead 
of the abrupt change from one into the other which we might 
expect, there is a region in which the concentrations of the two 
phases are markedly difierent from those in the main bulk. Thus, 
for instance, if porous charcoal is present in a gas, the surface of 
separation contains a layer of gas molecules at a concentration 
much higher than that in the pure gaseous phase. Moreover, it 
is found by experiment that these gas molecules are very tenaciously 
held by the surface, especially at low temperatures. This phe- 
nomenon is known as Adsorption. Another familiar example is 
obtained in the purification of organic substances by boiling with 
animal charcoal, when the dissolved colouring matters are adsorbed 
and may thus be separated from the solution. 

Gibbs {Sderntijw Facers, vol. ii) showed on the basis of thermo- 
dynamics, that if any substance is dissolved in a liquid and thus 
decreases the surface tension of that liquid, e.g. at the liquid-air 
interface, then that substance will exist in a higher concentration 
in the surface layer than in the bulk of the solution, that is, it will 
adsorbed at the surface. We now propose to give one of the 
sever^ proofs of this principle. 

Suppo^ we have a system consisting of a solution of volume Y 
and c^motie pr^ure P, in contact with the atmosphere, the surface 
under consideration being that between the liquid and the atmo- 
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sphere. The solution is separated from a quantity of pure solvent 
by a semi-permeable membrane, which is arranged in the form of 
a piston. We now imagine the following cycle of chang«?s to be 
carried out upon the system. 

I. The surface area is increased by an amount as. This involves 
an increase in the free energy of a.ds. The %mlume of the solution 
is regarded as having remained constant during thi.s pr<x*ess. The 
osmotic pressure of the solution may, however, have altered, since 
some of the solute may have been adsorbed upon the new portion 

•s / c P \ 

of the surface. Let the new osmotic pressure be f 1. 

II. The volume of the solution is now increased by the amount 
dF by means of the semi-permeable membrane. The work done 

by the system is evidently (^P ™ j .dF, and since this is not 

an increase of the system as a w’hole. but merely a process occur- 
ring in it, this is equal to the decrease in free energv’' of the system. 
The surface area is regarded as constant during this last operation. 

The surface tension has changed, however, to 

III. The surface is now caused to contract to its initial area, when 
there is an increase in the free energv of amount — ^<7 — -^dV^ds. 


The osmotic pressure has now returned to its initial value P. 

IV. The volume of the solution is now" decreased by the amount 
dF, bv pushing the semi-permeable membrane further in. This 
involves an increase in the free energy of amount PdF. 

The cycle is now complete and since it has been accomplished 
isothermally and reversibly, by h%q>0Thesis, the total change in the 
free energy' of the system must be zero. Hence we may wiite 

. -r, •» / cP 7 \ ir' / 1 , TjJJ'’ 


M = a.d 






TMs equation states that if the surface tension increases with 
increase in T, that is with decrease in the concentration, then the 
osmotic pressure of the solution will decrease with increase in the 
surface area. That is to say, if a substance lowers the surface 
tension of a liquid when it ‘is dissolved in that liquid. ?hp!i an 
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increase in tlie area corresponds to an increase in the adsorption 
of the solute at the surface. 

Let us now suppose that this volume V of solution contains n 
moles of solute, so that, if no adsorption occurred, the concentra- 

tion would he ^ moles per unit volume. This is not, however. 


the actual concentration since the surface contains an excess whicli 
we shall denote by F per unit area. The true concentration in the 


hulk of the solution when the area is s will he c' ~ 


■}i — Fs 
~ V “■ 


The 


quantity Fs, may, of course, he either positive or negative accord- 
ing as the adsorption is positive or negath^e. We can now vrite 
equation (15) in the form — 


But we have 


dV' 


da do' dP do' 

_ n — Fs ^ do' __ 
~Y~ ’ ^ "■ 


. (16) 


r 

V 


so that equation (16) becomes 


,da _ 

dc' ^dc' 


. (17) 


Thus far we have not introduced any hypothesis as to the nature 
of the solution. Equation (17) is therefore a perfectly general 
thermodynamic equation. If, now, we introduce the assumption 
that the solution obeys the gas law, we may write P — RTc', so 
that we obtain 


RT'dc' 


. (18) 


This ^nation shows at once that if the surface tension increases 
as c' increases then the adsorption is negative, and vice versa. 

The experimental verification of this equation of Gibbs presents 
considerable difl&eulty. The only direct tests of its validity, ha\dng 
any quantitative value are those of McBain and of Harkins. 
McBaiu and Davies (/ . Anier. Chem, Soc,, 1927, 49, 2230) arranged 
a long almost horizontal tube containing a solution through w’hich 
a slow and steady stream of uniform nitrogen bubbles could be 
mthout appr^iable pulsation or pumping action. Much 
attention given to the elimination of Tniying effects, pressure 
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irrei^ularities and other lactors which would prevent the attain- 
ment of normal adsorption equilibria. At the upper end of the 
tube, the air bubbles with their liquid films were collected, drained 
of excess soluiioii, and collected in a separate container. The 
difference between the amoimt of solute in the froth removed and 
that in an equal amount of the remaining solution — corrected for 
the gradual change — gave the amoimt of solute adsorbed at the 
liquid-gas interface of the bubbles passed through. The size and 
number of ])ubbles Ixdng knovm, the area of the surface could be 
calculated, and hence the value of F was obtained in grams per 
square centimetre. In all cases the results obtained were definitely 
greater than, but closely parallel to, the theoretical values. In 
similar cx|>eriments with tK>5 A sodium oleate solutions, an adsorp- 
tion amounting to 1*5 X lO”-' equivalents of oleate radical per sq. 
cm. of surface %vas olhained (Laing, ]\IcEaiii, and Harrison, Sixth 
CnJhiid. 19-d, p. b3). The theoretical value should be zero, 

since the surface tension is found to be independent of the con- 
centration of the oleate. Harkins and Gaiis {Fifth Coll. Symf., 
1927. p. id, Sixth Coll, Symp., 1928, p. 36) have also failed to 
confirm Gibbs' equation. The results mdicate that the Gibbs 
expression gives values of the right order in some cases, but it 
appears as though the experimental technique is not sufficiently 
accurate as yet to enable a decisive test to he made. In any case 
it is somewhat premature to reject the equation of Gibbs, as McBain 
seems inclined to do, especially as it is a direct result of thermo- 
d}*namie reasoning. 

It is e\ddently much easier to determme adsorption experimentally 
in the case of rigid surfaces such as those of charcoal or silica gel. 
It is not possible to apply the Gibbs equation quantitatively to 
such a case, however, since the changes in free energy or surface 
terisioii with concentration defy measurement. At very low con- 
centrations the distribution of a gas or solute between an adsorbent 
and the adjacent phase follows Henry's law. This is only an 
approximation for low concentrations, how^ever, for the adsorption 
does not, in general, increase linearly with concentration. Over 
limited ranges, the adsorption may be expressed by means of the 
well-known adsorption isotherm, 

a = or % a = -f- m . . . (19) 

where a is the weight of substance adsorbed per gram of solid adsor- 
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bent, c is the equilibrium concentration of tbe substance in the bulk 
and h and m are empirical constants. In most cases the constant 
m is found to decrease with increasing concentration or decreasing 
temperature, and this decrease indicates an approach to a con- 
dition of saturation which is inconsistent with the parabolic equa- 
tion (19). The Ereundlich isotherm can therefore be employed 
only as an interpolation formula within a limited concentration 
range. 

The following numbers refer to ammonia adsorbed on meer- 
schaum at 0° C. a is measured in c.cs. per gram of adsorbent, and 
c is replaced by pressure. 

= 54-83; m = 0-184. 


P. in cm. Hrj. 


O-oOO 

3-713 

21-500 

57-56 


a (Observed). 


48-3 

72-3 

95-3 

117-0 


a (Calculated). 


48-3 

69-8 

96-4 

116-0 


Since adsorption decreases with rise in temperature, it is to be 
expected, on the basis of Le Chatelier’s principle that it will take 
place with absorption of heat. This is in agreement with the 
quantitative experiments of Titoff {Zeit. phys. Chem., 1910, 74, 641), 
Lamb and Coolidge (J. Awie7\ Chem. Soc., 1920, 42, 1146) and 
others. The majority of these data refer to what is termed the 
Integral Heat of Adsorption, that is the initial conditions are not 
definitely fixed — charcoal as fcee from gas as possible and pure 
gas — and adsorption is continued until atmospheric pressure is 
reached. 

The differential heat of adsorption which corresponds to the 
heat of dilution, is defined as the quantity of heat which is 
developed upon transition from one state of equilibrium between 
adsorbent and gas to another state of equilibrium, i.e. from one 
equibbrium pr^ure to another. It is useful to distinguish between 
the isosteric heat of adsorption and the isobaric heat of adsorption. 

The isosteric heat of adsorption is such that the amount adsorbed 
is kept constant while the pressure and temperature are varied. 
It is analogous to the heat of evaporation of a mixture. We are 
concerned with this mainly in the region of intermediate and high 
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pressures, in wiiicli the amount adsorbed changes but little. It 
is determined by the Clapejron equation. If q is the heat evolved 
per mole of substance adsorbed we may write 


q = Rr 


4 hi p 

W 


( 20 ) 


This equation was tested by Titoff and satisfactorily conrirmed. 

The isobaric heat of adsorption corresponds to the heat of a 
reaction in a condensed system, the amount adsorbed changes 
while the pressure remains practically constant. It concerns us 
most in the region of small pressures. In that region, as the 
isothermal indicates, the amount ad,sorbed changes rapidly while 
the pressure change is small. 


Characteristics of Adsorption Equilibria, Freundlicli gives 
the following characteristics of adsorption equilibrium as distinct 
from chemical equilibrium : 

1. Adsorption obeys the isotherm a ~ k . ff'. 

2. The variability of m with the adsorbed substance is small. 

3. The variability of the constant h with the nature of the 
solid adsorbent is small. 


4. The system attains the equilibrium state very rapidly. 

5. The effect of temperature upon the equilibrium is relatively 
small. 


Doiman’s Theory of Membrane Equilibria. Suppose we 
have two solutions separated by a membrane which is penneable 
to one of the solutes, but not to the others. We might expect, 
at fimt, that this solute would diffuse through the membrane until 
the concentration on both sides had attained the same value. 
This, however, is not found to be the case, except when no non- 
diffusible substances are present. Donaan (Zeit. Ekhrochem., 
1911, 17 , 5T2) on the basis of thermod}Tiamies. has evolved a 
theory of such equilibria which has had a mr-reaehing and success- 
ful application in the fields of colloidal and chemistry. 

Suppose we have a salt, such as Congo red, which is the scwiiiim 
salt of an organic acid, in solution in water. The salt will 
practicallv completely ionizai into -Ya’ ions and R' ions. 
latter are incapable of diSusing through a membrane of collodion 
or parchment. We now place some of this solution in one side of 
a vessel which is divided into two compartments by a membmse. 
On the other side is placed a solution of rommon salt whicli is 
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ionized into Na and Gl'. We may represent tiiis initial state by 
tbe diagram 

Nd, R’ Nd, GV 
I II 

Tbe sodium chloride will difEuse from II to I until a condition of 
equilibrium is attained wbicb may be represented by 

Nd, R', Gl' I Nd, Gl'. 

Let us assume that this equilibrium obtains in the system and 
imagine that an infinitesimally small quantity of NaCl is trans- 
ferred across the boundary. The change in the free energy will be 

AF = dn.RT In -f dn.RT 

^^Xa' II II 

where dn is the number of moles t-ransferred, from compartment II 
to compartment I, etc., are the activities of the ions 

in the respective compartments at the equilibrium point. But 
the characteristic of equilibrium is that this free energy change 
shall be zero, so that the above expression vanishes, or we have 

^hVa'I “ ^hwil ^ 01' 11 • • • (21) 

It is unnecessary to take into consideration any potential difier- 
ence which may exist between the two compartments since we are 
considering the transfer of equivalent quantities of Na and Cl' 
ions. If we carry out an exactly similar process for the undis- 
sociated sodium chloride molecules we obtain 


dF = dn.RT In-A^G. = o 

^XaCl II 

^NaCl I ” ^XaCl II- 

Combming this equation with equation (21), we obtain the well- 
known law of mass action in terms of activities — 


^ ^CZ^I _ ^A’g’II ^ ^CVll 
^XaCll ^XaClTL 


— Constant. 


Honnan de^ with dilute solutions for which it is legitimate to 
wnte equation (21) in the approximate form involving concen- 
tmtions. He ^umes for simplicity that the solutes NaOl and 
hoR mre both comjdetely dissociated and that the volumes of 
liquid on both sides of the membrane are the same. 
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The initial state of the system may be represented- by the. dia- 
gram — 

Ya’ , Ya’ , CV 

Cl f, Co 

while the final state may be repre?enre<i as follows : 

Y//* .ir. cr Y/‘ . rr 

Cl ~ X Cl J' C., X Co - X 

where Ci, are the initial concentrations in gram-ions per litre. 
X is the quantity which has diffused across the membrane. The 

percentage of XaCl which has diffused is therefore -hMi The 
equilibrium distribution ratio of the XaCl is — 

X 

We may now write equation (21). substituting rcmvmtmxlon 
terms for activities, as follows — 


or 


whence 


\Ci 


(Cl - 2co) 


X 

Co 


^2 


C| -r 


so that 



f22 


Tliis equation gives us the distributioR ratio of the sodium chloride 
in the presence of Congo red. Xow if the concentration nl the 
inorganic salt, is small compared witli c., we may write 


Ys an example let us supjHist^ that the eosiceiitration of the 
sodium chloride is one-lmndredth tliat of the or^aiiic salr. i.e. 

^ ~ ,lJL then — ~ v or onlv 1 per cent, of the sodium ehioride 
KH> c. IlKt ' ^ 

diffuses across the membrane. 

If on the other Land Ci is small compared with fv,, it foitows tiiat 


X .» C» X 
„r= J. or -^1— : 

Ca 


I 


X 
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or the equilibrium state is cliaracterized by equal concentrations 
of salt on botb sides of tbe membrane. TMs is, as we should 
expect, the condition which obtains when no organic salt is present. 
The following table shows the variation of the distribution of 
sodium chloride between the solutions as a function of the con- 
centrations of the NaR and NaCl itself : 


Initial Con- 
centration of 
NaR in I. 

Initial Con- 
centration of 
NaCl in II. 

Initial Ratio 
NaR! NaCl. 

cjc.. 

I Percentage 
' NaCl diffused 
from II. 

j 

Distribution . 

Ratio at 
Equilibrium. 

Cl. 


I lOOf.. 

! 

Co — X 

X 

1 0-01 

1 

0-01 

i 49-7 

1*01 

0-1 

1 

0-1 

! 47*6 ! 

! M 

1 

1 

1 

; 33 

2-0 

1 

0-1 

10 

8*3 

11*0 

1 

0-01 

100 

1*0 1 

1 99-0 


The equilibrium point is obviously independent of the fact that 
NaCl was initially present in compartment II. The same point 
would have been reached if some had been present in compart- 
ment I. This effect is very remarkable since we see that in spite 
of the permeability of the membrane to sodium chloride, the 
amount which diffuses may be practically neghgible if a suf&cient 
concejutration of the organic salt of sodium NaR is present on the 
further side. It is evident that this phenomenon will be of great 
importance in physiology, where membranes play a very large part 
in controlling the body functions. The unequal distribution of 
sodium chloride on two sides of a parchment membrane owing to 
the presence of Congo red on one side has been experimentally 
demonstrated by Harris in Donnan’s laboratory. 

Influence on Osmotic Pressure Measurements. _ It will be 
evident that it is impossible to measure the osmotic pressure of 
an organic salt NaR directly in the presence of diffusible inorganic 
salts such as NaCl, since the imequal distribution of the NaCl is 
manif^ed by an inequality of the osmotic pressure due to this 
salt on the two sides of the membrane. We can, however, proceed 
^ foEows. I^t us assume that the salts are completely disso- 
ciated and that tihe ions obey the gas laws. Then if Pq is the true 
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osmotic pressure of a solution of ^aR of concentration Ci, we may 
write 

Po = 2.j?r.c,. 

Let P be the opposing osmotic pressure of the sodium chloride, 
then assuming the equilibrium arrangement already discussed — 

P = 'lie. - x)RT - 2xRT = 2{c. - 2x)RT. 

Hence the observed osmotic pressure will ]>e 

P, = Po - P - 2RTc, - 2RT(c, - 2:r) 

= 2RT(Ci — C 2 ~ 2r} 

or putting x ~ “ we obtain 

2c 


If Cl, the concentration of the organic salt whose osmotic pressure 
we desire to measure, is small compared with Co. then Pi == -JPo 
or the observed osmotic pressure is one-half the true osmotic pres- 
sure, If Co is small compared with Ci, we naturally obtain Pj — Pq, 
The following table illustrates these relationships : 

Ratio C£ Cl, Ratio Pi P,;. 


0*1 

0*92 

I 

0*67 

2 

0-t)0 

10 

0-52 


The observed osmotic pressure of an electrolytically dissociated 
non-dialysing substance is thus lowered by the addition of an 
electrolyte having a common ion. This has been experimentally 
verified by Dorman and Harris {J. Chem. Soo,, 1911, 99, 1554) ; 
Donnan and AUmand {ib., 1914, 105, 194) ; Donnan and Gamer 
(ib., 1919, 115, 1313) and Biltz {Zeit. pJiys. Chem,, 1913, 83, 625). 

Effect of an Electrolyte without a Common Ion. 

Ve may treat this case in a precisely similar manner to the 
simpler one just considered. The initial conditions may repre- 
sented bv — 

Na,R IK, CV 

Cl Cl I Og Cg 

I ! II 
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wHle -the final state is represented’ by . . 

Na ,K,GV,R K ,-GV ,Na 
Cl — z X y Cl — X — y z 
The solutions on either side of the membrane must be electricallv 
neutral so that z = x — y, i.e. the number of ions of Nd which 
pass from I to II must equal the algebraic sum of the number of 
moles of K and the number of moles of GV (according to the sign 
of their electric charge) which pass from II to 1. 

Let us now consider the transfer of a small quantity dn gram- 
ions of Nd from I to II, and a simultaneous transfer of an equiva- 
lent quantity dn gram ions of K in the reverse direction. The 
electrical work will be zero since the quantities are equivalent and 
the change in free energy will be given by 

dF = dn BTln + dnRT In = 0 

(A a ) I (K) II 

so that 

(i^a-)II_{7r)II 

(Na) I (K) i ^ ‘ 


Again by transferring dn moles of Nd and dn moles of CV from 

I to II we obtain 

(AV)I _(OZ')II 

{Nd)ll (CZ')I 

and by transferring dn moles of K and cln moles of GV from I to 

II we obtain 

{K) I _ [GV) II 


(/i*)!! {GV) I 


(26) 


Combining these three equations and substitutmg the values of 
the ecpiilibrium concentrations we olitain 


(AV)I iK)l __{GV)11 
(Nd) n "" (N) II ~ (GV) 1 


an example we may consider the case where the ratio Ci/c^ 
is 100, i.e. where the organic salt is present in great excess. The 
following changes from the initial state will occur : 

(1) 99 per cent, of the K ions originally present in II will difiuse 
into I- 

(2) Onl}’ 1 per cent, of the GV ions originally present in II will 
iliffuse into I. 
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(3) Oiily 1 per cent, of the Xa' ion.s oridnally present in I ^vill 
diffuse into II. 

If on the other hand c, is small compared with we have 

r = = 1 or the equilibrium distribution corresponds to equal 

concentrations of Xa. K and CV on both sides of the membrane, 
as we should expect. It will therefore be evident that the presence 
of the organic salt has a marked effect upon the diffusion of the 
salt. In fact it appears in the above case where Cj ha = 100, as 
though there has been a marked preferential effect for the potas- 
sium ions, since 99 per cent, of these ions diffuse into I while only 
1 per cent, of the GV ions diffuse. 

Hydrolytic Decomposition of Salts by Membranes. We 
shall now consider the case of a non-dialysable salt on one side 
of a membrane with pure water on the other. The initial ionic 
concentrations may be represented as follows : 

Xa\E' Pure 
c-i . Cj water 

I . n 


The Xa~ ions will pass through the membrane into compartment 
II where they will form dissociated sodium hydroxide, and a 
corresponding nmnber of ions must diffuse into compartment I. 
The equilibrium state may be represented by the following dia- 
gram : 

Yu* Xa , OH' 

Cl — X , X Cl [ X ’X 

We shall once more assume complete dissociation of all the 
electrolytes present, and that the volumes of the two compart- 
ments are equal. We shall also assume that the concentration of 
the hydrions in I at equilibrium is large compared to that in pure 
water. Let us imagine the transfer of dn gram-ions of Na and 
(hi gram-ions of OH' from I to II. Since the system is in apiili- 
brium the free energy change wiB be zero, that is 


dF = dn.RTIn 


^'a)ll 

lXa)l 


-r dnRT In 


(OH') I 


so that we may write 


(Xa) I _ (OH') II 
{Na}ll (OH')l 


. , m 
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Substituting the values for the equilibrium concentrations to 
obtain — 

Cl — X _ X 

{OW) \ 

Now if X„, is the ionization constant for water we have 

(a;)(OH') = Z,,, 

so that we may write 

Cl — a; _ x? 

X K,^ 


or as® = JT,o(ei — a;) (29) 

If X is small compared with Ci, this expression becomes 

x? = E^.Ci 

or x = {Ku,.Cif (30) 


The following table shows the type of results obtained at 25° C., 

100a;/ci. 

0*01 5 X O-Oo percent. 

0*1 1 X 10-5 0*01 „ „ 

1 . 2 X 10-5 0*002 „ „ 


This equation is. as we liave stated, derived on the assumption 
that the two compartments have the same volume. If, however, 
the volume of compartment II is v times the volume of I then the 
equation takes the form 

x = {K,,.e-.CiY (31) 

Although the extent of this hydrolysis is very small, it must 
always occur when we have an electrolj^te, one ion of which cannot 
pass through a membrane, separated from pure water by such a 
membrane. Kot only will this hydrolysis affect the observed 
osmotic pressures of electrolytic colloids, but this process explains 
the removal by dialysis of only one of the ions of an electrolyte 
absorbed by a gel. The gel itself acts as a membrane and if it is 
only permeable to one of the ions of the electrolyte, this ion alone 
will diffuse and be removed by the surrounding water, leaving the 
other ion in the form of acid or base according as to whether it 
was the anion or the cation of the electrolyte originally present. 
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If tie acid formed by hydrolysis HR is a weak acid there will 
evidently be a decrease in the hydrogen ion concentration in com- 
partment I, and consequently the degree of hydrolysis will be 
greater. 

TYe shall confine ourselves to the case when the acid is a very 
weak one. that is when the dissociation constant of the acid 
is very small. We may represent the equilibrium conditions as 
follows : 

I II 

Na* ,0H' ,HR, R' Xa* , OH' 

Ci — xy~~xy Ci—y x x 

Here y is the concentration of HR undissociated. Corresponding 
to the y gram-ions of H* which are thus removed from the solution, 
there will be y OH' ions present in compartment I. But x gram- 
ions of OH' have diffused into compartment II leading a concen- 
tration of {y — x) OH' ions. Let {H)i be the concentration of 
hydrions in compartment I, then we may vuite 

{y-x){H\=^K,„ 

{Cr-y){H-), = K„y 

so that di\ddmg one expression by the other 


G, —X 




y-x E,' 

But by equation (28) which is still applicable to the present case 


so that 


Ct—X 


y 


{OH'), y~x 

CyX 


C, X 

Substituting tbis value in equation (32) ■vre obtain 
E,. 


- x) (c, - 2x). 

K, 


(33) 

(34) 

(35) 


If X is small in comparison vitb Cj (i.e. x is less than this 
equation takes the approximate form 


E, 


o 
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The following values for x will indicate the order of magnitude of 
this effect of a small dissociation constant : 

Cl = 1 : — 10“^^ ; the values of x are calculated from equa- 

tion (36). 

= 10-5 . ^ iQ-3 . qooa- = 0*1 

= lO-s : a* = 10-2 ; lOOx = 1*0. 

These hydrolytic effects have been investigated experimentally and 
the results have served to confirm the theory. 

Membrane Potential Difference. In any of the experiments 
considered there is a definite potential difference between the two 
sides of the membrane. This potential difference between the 
solutions at equilibrium is due to the difference between the con- 
centrations of the ions on the two sides. We may consider the 
case of the following equilibrium condition 

; J?' : Cr I Na ; Cl' 

I II 


Let E be the potential difference between the two compartments, 
the potential of II being taken as greater than that of I. Suppose 
the extremely small quantity Q,dn coulombs of positive electricity 
is transferred isothermally from II to I. This involves a decrease 
in the free energy of — Q.dnE, due to the electrical work done. 
In addition there is a free energy change due to the transfer of the 
ions, pd/i gram-ions of Na have passed from II to I involving 

{Na) I 


a decrease in the free energy of pdn,ET In 


and simul- 


(Na) II 

taneoiisly qdn gram-ions of CV have passed in the reverse direction 

(CD II 

involving a decrease in the free eneigy of q^dnRT In j • 

p and q are the transport numbers of the Na and CV ions respec- 
tively, so that p -jr q — I- The total change in the free energy 
must be zero since the system is in equilibrium, hence 


Q.dn,E 


■ p.dn.RT hi h + q-dn.RT hi S3rU = 0. 


Xo^ vre liave seen that 
(A'a)I _ 
(AV)II ' 
Hence we obtain 


{Na) II 
(CV) II 


(CV) I 


(CV) I 

_P--?^7JAV)II 


and p + q = 1. 


RT 
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Now for the particular case investigated we have seen that 


Hence we obtain 



Q c-i 




(38) 


If G., is small in comparison witli Ci this expression becomes 

RT 

E = — hi c-i (39) 

Q 

If on the other hand o, is small in comparison with c.^ the potential 
difference approximates to zero, as we should expect, for in the 
limit in which there is no SaR present at all, the NaCl will dis- 
tribute itself in equal concentration on each side of the membrane. 
The following table illustrates the numerical values of the potential 
difference E obtained for a series of arbitrarily chosen ratios Ci/Ca. 


Ci/c. 10 100 1000 

E 4-0*0r7 -f0*060 -fO-llC -f0'174 


In a similar manner we may consider the case represented by 
the following diagram, KCl replacing the sodium chloride of the 
case just considered : 

Tg‘, K\ CV, R' i AV, K\ CV, 

I II 


In this case if we consider the transfer of Q,dn coulombs of posi- 
tive electricity from compartment II to compartment I this will 
be carried by {p.chi) Xa ions and (q.dn) E' ions mo^dng from II 
to I and {s.dn) CV ions moving in the reverse direction from 
I to IL The free energy increase due to the transfer alone will be 


p,dn hi 


{Na)l 
(Na) 11 


q,dn hi 


(K)l 


s.dn In 


{CV) II 

(CO I 


In this equation we have 


p -T q-r s = l. 

There is also a free energy change due to the potential difference 
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betweea the t-wo compartments. If this P.D. he represented hv 
E rvhere compartment II is reckoned as positive, then the feee 
energy increase of the system or the work done upon the system 
(at constant pressure) due to the electrical forces is —E.Q.dn. 
Hence the total increase in the free energy is given hy 


lF=-E.Q.dn^(h.ET 



(Yffi-)!!'" 


qhi 


(g)I 

(7r)ii 


+s In 




Since the system is in equilibrium this free energy change must 
be zero. Now we have seen by equation (27) that 


(Ya) I _ (&'■) I _ (CV) II _ Cj + c,_ 
(Ya-)II ~ (E-yii ~ {CF)1 
Hence we obtain 


,, ET , ET , , 


. (46) 


If c, is small in comparison with Ci tliis expression reduces to 


E = 


RT 

Q 


hi Cx/C2 


(41) 


Again from a consideration of the case of membrane hydrolysis 
where piue water is present originally upon one side of the mem- 
brane, we obtain 




RT 

Q 


hi P. 


where /. is given by the equations 

, (Yu-) II_(ff-)II_(OH')I 

(Na)l (H-)l {OH') IT 

But we have seen that 


Cl — X 

Confining ourselTes to the case where x is small, we may write 
, _ a; _ 

37-’ 

Hence we obtein 


Cl 


( 42 ) 
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The following are the values calculated from this equation for 
25^ C. 


E. 

1-0 + 0*30 

0-01 -f 0-19 

In a similar maimer we mav consider the case when the HR formed 
is a weak acid of dissociation constant 

These considerations have had an extensive application especi- 
ally in the realm of colloid chemis-toy. For a consideration of the 
various aspects of the theory in regard to its application to the 
case of proteins, see Loeb, Protewis mid the Theory of Colloidal 
Behaviour. 



Conclusion 


It miglit possibly be thought from the discussion in the pre- 
ceding pages that the principles of therinod\nianiics may be infallibly 
applied to every possible type of system under whatever set of 
conditions may happen to obtain at the moment. This is, how- 
ever, by no means the case, and it may be of interest, before closing 
this book, to consider briefly the more obvious limitations of the 
principles which we have developed. 

The consideration of the First and Second Laws of Thermo- 
draamics showed us that they are essentially laws of experience 
which are based entirely upon negative evidence — the non-occur- 
rence of certain events. Xow whilst the mass of this evidence is 
so overwhelming as to make any doubt of the universal validity 
of these laws appear almost unthinkable, it is well to bear in mind 
that it is negative e^ddence. Many authors have extended these 
two laws to include the whole universe. This is the idea under- 
lying the well-known statement of Clausius that 


•* Die Energie der Welt ist constant. 

Die Entropie der Welt strebt einen Maximum zu.” 

This view does not, however, appear to be entirely warranted 
by the information at our disposal. In the first place, it makes 
the assumption that the universe is a finite system in complete 
thermal isolation, and whilst the recent theories of Einstein lend 
some support to this assumption, the question is still open to dis- 
cussion. Again the problem as to whether or not living beings 
are capable of bringing about a violation of the Second Law is still 
unsolved. However, these questions are purely speculative and 
have little bearing upon the practical applications of our subject. 

More fundamental limitations are involved in the fact that the 
^ond Law is. as we have seen, a statistical principle based upon 
the laws * of probability. It states that any thermally isolated 
system tends to a condition of maximum probability which is 
characterized by a maximum value of the entropy function. The 
statistical considerations underlying this law only refer to systems 

328 
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containing a very large number of units. It is evident, tliereforc, 
that such a principle must, in view of its statistical nature, be 
limited in its application. Thus, for example, suppose we con- 
sider a system containing a large number of molecules of some 
substance which is undergoing a chemical change. A good example 
of such a system is a radioactive substance. We can apply prob- 
ability considerations and the principles of thermodynamics to the 
whole system and determine the rate of the reaction at any instant. 
That is to say, we may calculate the number of molecules which 
will undergo transformation in any given interval of time. But 
if we consider, for the moment, some one individual molecule, or 
even a small cluster of such molecules, we are entirely at a loss. 
The given molecule or molecules may or may not be among the 
number which will undergo transformation in the given interval, 
and thermodynamics is powerless to predict the answer. Thus it 
appears that, as regards microscopic systems, that is systems con- 
taining only a few units (whether these be molecules or stars), the 
Second Law is no longer applicable. 

Another limitation of thermodynamic principles, and one which 
has been brought prominently before the notice of chemists and 
physicists in recent years, is the consideration that they rest upon 
the assumption that energy transformations are always continuous 
in nature. This assumption is involved in the fact that we have 
regarded the energy quantities, U, F, A, etc., to be continuously 
variable functions of the system. The admissibility of this assump- 
tion is by no means unquestioned as regards certain classes of 
phenomena, notably the emission and absorption of radiation by 
matter. In fact, the fundamental postulate of Planck’s Quanturn 
Theory is that radiation is absorbed and emitted discretely and 
not continuously. 

However, in spite of these limitations, or perhaps because of 
them, Thermodynamics has been and still is a very useful and 
powerful tool in the hands of the investigator, both in the more 
theoretical and academic aspects of chemistry and also, to a rapidly 
increasing extent, in the technical a.rmlications nf chp,mistrv tn 
industrial nrocesses. 
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electrode, 174 

Brownian movement and conductiv- 
ity, 258 

Bunsen’s distribution coefficient, 120 
Butler’s treatment of electrode poten- 
tial difference, 158 
comparison with experiment. 
Table, 160 

Calomel electrode, 176 
Cane sugar, solubility of, 141 
Carbon dioxide, absorption coeffi- 
cients in various solvents, 121 
dissociation of, 268 
Carbonic acid, dissociation constant 
of, 205 

Carnot’s theorem, 26 
Catalysis and activity, 224, 225 
by neutral salts, 223 
Table, 224 

Cell, Daniell, 149, 150, 270 
reversible, 150 
simple, 149 
Charles’s law, 56 
Chemical affinity, see Affinity 
Chemical constant, conventional, 82 
“ true,” 82, 283 
Chlorine electrode, 174 
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Glapeyron equation, 29, 80, 83 
^applications of; 30 
integration of, accurate, 283 
- integration of, approximate, 81 
Cl^sius equation of state, 75, 76 
statement of Second Law% 23 
Cohesion in gases, 72, 73, 75, 76 
in liquids, 80, 305 
Colligative properties, 119 seq. 
Comparison of degree of ionization 
and activity coefficient, Table,217 
Comparison of and Table, 
267 

Component of a system, definition of, 
302 

Compressibility, coefficient of, 45 
of liquids, 146 

Concentrated solutions of electro- 
lytes, theories of, 244 seq. 
Concentration, various modes of ex- 
pression, 189 

Concentration cell, 149 seq. 
with transport, 161 

containing polyvalent ions, 167 
total E.M.r. of, 165 
without transport, 169, 172 
Conclusion, 328 

Conductivity of solutions, calcula- 
tion of degree of dissociation 
from, 205, 207, 217 
calculation :from Debye-Htickel 
theory, 255 seq. 

Kohlrauseh’s equation for, 258 
Onsager’s equation for, 258 
Congo red, diffusion of, 315 
Conservation of eneigy, Law^ of, 2 
Contact potential difference, 154 
Continuity of state, 63 seq. 

Contraction of solution due to addi- 
tion of solute, 148 
equilibrium constant and, 146 
Criteria of equilibrium, 88 seq. 
entropy, 88 
free energy, 92 
maximum work, 91 
thermodynamic probability, 88 
applications to homogeneous sys- 
tems, 99 
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Crystals, ionic raclii in, 2o4, 2oS 
Cyclic process, definition of, 20 
application of First Law to, 20 

DaiiieU ceU, 149, 150, 270 
Debye’s equation for the specific heat 
of a monatomic gas, 297 
Debye-Hiickel theory of electrolytes, 
226 seq. 

comparison with !Milner's theory, 
235 

experimental investigation of, 241 
Deb^-e-Hiickel-Onsager expression for 
conductivity, 258 
Degradation of a system, 38 
Degree of freedom, definition of, 301 
Degree of hydrolysis, determination 
of, 184 ‘ 

Degree of ionic dissociation, 204 
activity coefficient and, 217 
thermodynamically “ corrected,” 
208 

Density of radiation, 117 
Depression of freezing-point, 132, 202, 
216 

Depression of solubility, 134 
Determination oi pH values, 182 
Dielectric constant, influence upon 
behaviour of solutions of electro- 
lytes, 229, 237, 239, 241, 248, 
249, 250, 255 

Dieterici's equation for latent heat of 
vaporization, 86 

Values of constant h for iso-pen- 
tane, 87 

for various substances, 87 
equation of state, 76, 78, 79 
Differential coefficient, pirtial, 15 
of sec-ond order, 18 
Differentiation, partial, 14 
Diffusion, 89, 315 seq. 

Dilute solutions, 1 18 seq. 

Dilution law of Ostwald, 204 seq., 
226 

thermodynamicallv correct form. 

mi 

Dilution of a solution, free energy 
char^ of, 234 


Dilution of a solution, correspondincj 
change in the work content, 237 
corresponding change in the heat 
content, 239 

corresponding change in the total 
internal energy, 238 

Dissociation, ionic, 135, 204 
complete ionic, 226, 246 
constant of acetic acid, at 25^ C., 
206 

constant of carbonic acid, at 25' C., 
205 

constant of KCl, 207 
constant of 206 

constant of a weak acid, influence 
of neutral salts upon, 223 

Dissociation of water vapour, Table, 
265 

Distillation process, three-stage, 10, 
95 

Distribution coefficient, Bunsen, 120 
Ostwald’s, 120 

Distribution law for velocities, Max- 
well, 61 

Distribution law of Xernst, 119, 301 

Donnan’s theory of membrane equili- 
brium, 315 seq. 

distribution of NaCl in. Table, 318 
effect of electrolyte without a com- 
mon ion, 319 

influence on osmotic pressure 
measurements, 318 

Electrical elements, various types of, 
154 

Electrical equilibrium in solutions, 
158 

Electrical work, 151 

Electrochemistry of dilute solutions, 
149 seq. 

applications of theory, 178 seq. 

Electrode potentials, single, 153, 175, 
176 

standard, 177, 178 

Electrode, reversible, 154 

Electrolytes, activity treatment of, 
186 seq. 

theories of strong, 226 seq. 
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Electrolytic dissuciation, theory of, 
135 scq., 1S6 seq.. 226 seq. 
Electromagnetic theory of light, 1 1 6 
Electrometric anah'sis. ISl 
Electromotiv'e force, measurement of. 
151, 153 

temperature eoeitieient of. 277 
Electroplioretie term of conductivity 
expression. 257 

Electrostatic forces in a solution. 22(5 
seq. 

effect on osmotic prt^ssiire, 239 
Electrostriction. 233. 253. 254 
Elevation of boiling-point. 128 
values of E' for. Table, 131 
E.M.F. measurements of yaOH eelLs, 
at 25^ C., Table, 213 
E.M.F. of silver nitrate concentration 
cells. Table. 163 
Energy, conservation of, 2 
density of radiation. 1 17 
free. 92, 94. 95. 96 
kinetic, 3 
potential, 3 
t^^hinteTTial, S 
various forms of, 2 
Entropy, 32 seq. 

absolute values of, 28S seq., 298 
as a criterion of equilibrium, 88, 
112 

as an extensive property, 36, 1 12, 
115 

Boltzmann's assumption. 60 
change in c*oinpIeteIy Isolated sys- 
tem, 36 seq. 

change in non -isolated system, 36, 
38^ 39 

change in various pr<M:-esses. 5<> seq. 
definition of, 34 
dependeiK-e ujx)n pressure, 43 
dejicndence uj>on tempeniturf*, 43 
(le}'>endence upon volume. 43 
' ^ equation for a perfect gas. 42, 62, 

kinetic^'IAk^ry and, 56 
of iodine, 295 
of osy’-gen, 295 
of sulphur, 293 

I.T. 
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Entropy, of vaporization per mole at 
boiling-point. Table, 83 
of vaporization, Hildebrand's rule. 
Table, 84 
partial molal, 190 
tliermfxlynainic probability and. 

Equations of state. Clausius, 75, 76 
Dieteriei, 76, 78 
inversion jx)ints and. 77 
jK-rfect gas, 71 
rediic*ed. 77, S3 
thermodynamic. 45 
van der Waals, 72, 77, 86 
Equilibrium, definition of, 32 
criteria of, 88 seq. 

Equilibrium box, 99 
Equilibrium constant, 113, 114, 142 
solubility as, 138, 145 
Escaping tendency, 187 
Expansion, coefficient of cubical, 45 
maximum work of, 7 
work done in, 4, 13 
Extensive property, 4 
External latent beat of vaporization, 
80 

First law of thermodynamics, 2 sec], 
limitations of, 328. 329 
applications to eyelie j>roeess, 20 
Eormuise, summary of thermodyna- 
mic, 98 

Free energy, 92 

change in isothermal process, 95 
dependence upon pressure, 94 
dei)endence upon temperature, 96 
dependence upon volume, 94 
electrical work and, 156 
heat of reaction from. Table, 278 
ions, change on hydration, 253 
of reaction, caleiiktion of equili- 
brium c^onstant from, 
of solutions, change on tlilutioii, 
234 

partial molal, 190 

Free energy change on hvdratiou, 

Tabier254 

Freedom, degree of, 301 
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Freezing-point, depression of, 132, 
202, 216 

effect of pressure on, 30 
Fugacity of a pure substance, 187, 
188 seq. 

of substances in solution, 190 
Function, definition of, 15 
Fusion, latent heat of, 30, 132 

Galvanic cells, 149 seq. 
Galvanometer, 151 
Gas, expansion of, 7, 8 
Gas, perfect, criteria of, 21, 63 
entropy equation of, 42, 62, 114 
Gas cells, 172 
Gas constant, 62, 233 
Gas law, see Equations of State 
for solutions, 122 

Gibbs equation for adsorption, 312 
Gibbs-Helmholtz equation, 31, 96, 
106, 237, 276, 279 
Gibbs phase rule, 300 seq. 

Glycerol, molecular heat of, 291 
Graphite, 296 

Half elements, electrical, 174, 175,176 
Heat absorbed in expansion, 4 
capacity, 13, 14, 18, 40 
content, 5, 6, 43, 45, 49, 96 
absolute values of, 6 
change of on dilution, 239 
relation to heat absorbed, 6 
partial molal, 190 
energy of environment, 22 
molecular, 13, 14, 18, 46 
Debye’s equation for a monato- 
mic gas, 297 
of adsorption, 314 
of dilution of ideal solution, 124 
of expansion, latent, 29, 47 
of fusion, latent, 30, 132 
of pr^ure change, latent, 48 
of reaction, 19, 108, 109, 111, 115, 
263, 264, 267 

calculation from free energy 
change, 278 

fi^ energy change and, 281 
temperature eoeffident of, 19 


Heat of solution, 124 
of vaporization, ideal, 189 
latent, 30, 80, 86, 128 
theorem, 281 seq. 
transfer, conditions of, 22 
Henry’s law, 119, 120, 122, 124, 134, 
173, 192 

Heterogeneous systems, 300 seq. 
Hildebrand’s modification of Troii- 
ton’s rule, 84 

Hittorf transport numbers, 172 '' 

Hoblraum, 115 

Homogeneous systems, 99 seq. 
Hiickel’s equation for concentrated 
solutions, Table, 249 
Hydration of ions, 250 seq. 

Bjerrum’s theory of, 251 
free energy change of, 253 
Table, 254 

Hydration of various salts, free 
energy change of, 267 
Hydrion concentration, E.M.F. deter- 
mination of, 182 

Hydrochloric acid solutions, activi- 
ties ill, 212 

Hydrogen electrode, 173, 177 
Hydrogen halides, activity coeffi- 
cients of, 210 

H^^drogen ion, catalytic activity of, 
224 

activities and. Table of, 225 
Hydrolysis by membranes, 321 ; 
Table, 322 

Hydrolysis of aniline hydrochloride, 
Table, 185 . 

Hy^drotysis of salts, E.M.P. deter- 
mination of, 184 

Hydrostatic pressure of solvent, 
126 

Hydroxyl compounds as solvents, 
259^,260, 261 

Ice, afBnity for various salts, 267 
latent heat of fusion of, 30 
various forms of, 301 
Ideal gas, 21, 42, 62, 63, 114 
heat of vaporization, 189 
solution, definition of, 194 
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Tndcrx'rifl'-r.t variables of a systoni, 
3ul 

Iritegral heat of adsorption. 314 
Integration constant of n ivactioii, 
284, 2So, 286 
Intensive properties. 4 
Interface. 301, 305 seq. 

Inter-ionic attraction theory, 226 seq. 
Internal energy, total, 3 
absolute values of, 6 
change on dilution of a solution, 
238 

relation to heat absorbed. 6 
Internal latent heat of vaparization, 

so 

Inversion of sucrose and ionic 
activity, 225 

Inversion point in porous-plug ex- 
periment, 69. 77 
Iodine electrode, 174 
Ion activity, mean, 208 
Ion atmosphere, dissymmetry of, 256 
influence on conductivity, 256 
overlapping of, 245, 247 
potential due to, 230 
radius of, 247 
Ionic association, 246, 261 
diameter, apparent, 245 
radii in crystals, 254, 258 
size, influence of, 241, 245, 247, 254 
strength, definition of, 221 
theory, 135, 204 
velocities, 164 
Ionization, degree of, 204 

comparison ttith activity coeffi- 
cient, Table, 217 
from conductivity data, 205, 217 
thermodynamic, 208, 217 
Iron, affinity of oxygen for, 267 
Irreversible electrode, 154 
process, 32 
standard, 33 
Isentropic process, 55 
Isobarie heat of adsorption, 314, 315 
Isochore of van’t Hoff, 106, 109 
for solutions, 145 

Isosteric heat of adsorption, 314, 315 
Isotherm of van't Hoff. 102 
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Isothermal expansion of a ix*rfeet 
gas, 20 

Isotopes, heat capacity of, 290 

Joule's experiment, 20 
Joule's law, 20, 21, 68. 69 
deviations from, 21, 6S, 69 
Joule'.s law applied to solutions, 124 
Joule-Thomson exjx^imeiit, 64, 67 
equations of state and, 77 
Junction, P.H., at liquid-liquid, 161, 
163, 167, 168 

Kelvin's equation for inversion 
points, 66 

statement of Second Law, 23 
Kinetic energy, 3 
Kinetic theory and entropy, 56 
and thermodynamics, 1, 2 
Kinetic treatment of 158 

of solutions, 119 

Kirehhoff's equation, 18, 20, 109, 
110, 140, 279 
Kohlrausch’s law, 258 

Latent heat of expansion, 29, 47 
of fusion, 30, 132 
of pressure change, 48 
of vaporization, 30, 128 
of water, internal, SO, 86 
external, 80 

Dieterici’s equation for, 86 
Law of mass action, deduction of, 
100, 113 

for solutions, 141 
in terms of activities, 203 
Le Chatelier, principle of, 314 
Leeds and Xorthrup potentiometer, 
153 

Life and the Second Law of Thermo- 
dynamics, 328 

Limitations of thermodynamics, 328, 
329 

liquid-liquid potential difference, 
calculation of, 163 
elimination of, 161, 168 
measurement of, 167 
Liquids, polar and non-polar, 82, S3 
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Lowering of vapour pressure of sol- 
vent due to added solute, 124 


Mass action, law of, 100, 113 
for solutions, 141 
ill terms of activities, 203 
Mathematical formiila% summary of, 
98 

Mathematical probability, 57 
Maximum work, 7, 9, 13, 25, 20, 32, 
91, 93 

and equilibrium, 90 
term due to electrostatic forces in 
solution, 237 
Maxwell criterion, 84 
Maxwell distribution law for veloci- 
ties, 61 

^lean ion activity, 208 
Measurement of electromotive force, 
150 seq. 

Mechanical equivalent of heat, 270 
Membrane equilibrium, Donnan's 
theory of, 315 seq. 
hydrolysis, 321 

potential difference due to, 324, 
325, 327 

semi-permeable, 9 

Mercurous ion, determination of 
valency, ISO 
Mcroseopic state, 58 

systems and the second law, 329 
Milners treatment of strong electro- 
lytes, 226, 234 

comparison with that of Debve and 
Huckel, 235 

Mole feietion, definition of, 190 
^[oleeular heat at constant volume, 
14, 18, 46 
expansion of, 109 
at constant pressure, 14, IS, 46 
expansion of. 111 

relation betw^n and 18, 
46 

Molecular hypotfa^is and entropy, 56 
Moving bmmdary, transport num- 
bers, 172 


Xatural process, 23 seq., 31 seq., 88 
seq. 

Xcrnst distribution law, 119, 301 
heat theorem, 62, 97, 281 
evidence for, 292 seq. 
theory of electrode potential 
difference, 156 

Xeutral salt catalysis. Table, 224 
Xeutralization, heat of, 272 
Xickel, solution pressure of, 157 
Xitrogen, possible hydrolysis of, 29S 
Xitrogeii peroxide, dissociation of, 
108 

Xornial calomel electrode, 176 
Xormal potential of oxidation-reduc- 
tion process, 275 

Xuclcar spin, effect on entropy of, 298 

Onsagers equation, 258 
experimental test of, for different 
solvents, 259 

Osmotic pressure, 9, 118, 122 seq. 
influence of electrostatic forces on, 
239 

membrane equilibria and, 319 
van't Hoff’s law, 122 
Osmotic processes, 9 
Ostwald’s dilution law, 204 
breakdown of, 205 seq. 

Ostwald's distribution coefficient, 120 
Oxidation-reduction processes, affin- 
ity of, 273 
Table, 276 

normal potential of, 275 
Oxygen, affinity for iron, 267 
electrode, 174 

Palladium, solution pressure of, 157 
Partial differential coefficient, 15 
of second order, 18 
differentiation, 14 
Partial molal quantities, 190 seq. 
Perfect gas, criteria of, 21, 63 
entropy equation of, 42, 62 
equation of, 71 
expansion of, S 
adiabatic, 54 
isothermal, 20 
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Period of relaxation, 256 
Periodicity of electrode potentials, 
179 

I’erpetual motion, 2, 22 
Phase, definition of. 39<.) 

Phase rule, 360 seq. 
pH values, determination of, I s2 
Poggendorf eomjx-nsation method of 
E.M.F. determination, 151 
Poiss(.)u's equation, 227, 229 
J’orous-plug exjieriiuent, 64, 67 
equations of state and, 77 
inversion ix>mt of. 69, 77 
floule-Thoinson formula, 6(5 
Kose-Innes formula, 66 
comparison of thest‘ formuhej 
Table, 67 

Potassium amalgams, 169 
Potassium hydroxide solutions, activ- 
ity coefficients, 215 
Potential on an ion due to ion at- 
mosphere, 230 

Potential difference across a mem- 
brane, 324 seq. 

Butler’s treatment of, 158 
liquid-liquid, 161, 163, 167- 168 
Xemst’s treatment of, 155, 156 
Potentials, single electrode, 153 seq., 
175, 176 

standard electrode, 177 
Potentiometer, 151, 152, 153 
Probability, laws of, 57 
mathematical, 57 
thermodynamic, 58 
and entropy, 60 
Process, adiabatic, 53 
irreversible, 32 
isentropic, 55 
isothermal, 8 

natural or spontaneous, 23 seq., 
31 seq., 88 seq. 
reversible, 7, 25, 32 
Properties, coUigative, 119 seq. 
extenave, 4 
intensive, 5 

Quantum theorv, 296, 329 
Quinhy drone electrode, 176 


Radiation, black body, 117 
energy density of, 117 
pressure of, 116 
thermodynamics and, 115 
Radioactive change, 329 
Radius of ion atmosphere, 247 
of ions in crystals, 254, 258 
Ramsav-Shields equation, values of 
1: for. Table, 309 
Raoult’s law, 127, 128, 134 
in terms of fugacities, 192, 193 
Rate of reaction, 262 
Reaction at constant volume, 105 
at constant pressure, 107 
entropy change of, 50, 288 seq. 
free energy change of, 263 seq. 
heat of, 19, 108, 109, 111, 115, 263, 
264, 267 

temperature coefficient of, 19 
Reduced equation of state, 77, 83 
Reduction of ferrous oxide, Table of 
values, 26S 

Reversible cell, 150, 154 
electrode, 154 
process, 7, 25, 32 

Rose-Innes equation for porous-plug 
experiment, 66 

comparison with Kelvin’s formula, 
67 

Second Law of Thermodjmamics, 22 
seq. 

limitation of, 328, 329 
mathematical formulation of, 23 
statement of, 37 
Semi-permeable membrane, 9 
Silver chloride, solubihty of, 180 
Silver nitrate, concentration cell, 149, 
161 seq. 

Single electrode potentials, 153, 175, 
176 

Size of ions, influence on Debye- 
Hiickel expression, 241 
Sodium hydroxide solutions, activity 
in, 213, 215 

Solubility as equilibrium constant, 
138, 145 

depression of, 134 



INDEX 


342 

Solubility, effect of temperatiure 
upon, 138 seq. 
isockore, 138 
of cane sugar, Table, 141 
of sparingly soluble salts from 
E.M.F. data, 180 
Solution pressure, 155 seq. 

Solvation of ions, 250 seq., 261 
Bjerrum’s theory of, 251 
Solvent, influence on behaviour 
of electrolytes, 250 seq., 255, 
260 

Specific heats, at low temperatures, 
287 

at constant pressure, expansion of, 
111 

at constant volume, expansion of, 
109 

of gases, 13, 14, 18, 46 
Spontaneous process, 23 seq., 31 seq., 
88 seq. 

Standard cells, 174 
electrode potentials, Table, 177, 
178 

periodicity of, 178, 179 
half-elements, 176 
irreversible process, 33 
State, continuity of, 63 seq. 
equations of, 71 seq. 

Clausius, 75, 76 
Dieterici, 76, 78 
perfect gas, 71 
reduced, 77, 83 
thermodynamic, 45 
van der Waals, 72, 77, 86 
microscopic, 58 
Statistical mechanics, 57 
state, 57 
Stefan’s law, 117 

Stok^’ law and conductivitv, 257, 
258 

Strong electrolytes, theories of, 226 
seq. 

solutions, theories of, 244 seq. 
Succinic acid, solubility of, 139 
heat of solution of, 139 
Sucres, velocity of inversion of, 
22o 


Sugar, variation of solubihty with 
temperature, 141 

Sulphur, change from rhombic to 
monoclinic, 293 
entropy of, 293 

Sulphuric acid, activity coefficients 
of, 210 

Summary of thermodynamic for- 
mulae, 98 

Supercooled hquids, 291 
Surface, free energy', 306 
tension, 305 seq. 

application of Third law to, 
309, 310 

change vdth temperature, 306 
System, definition of, 3 
completely isolated, 3, 36 seq. 
heterogeneous, 300 seq. 
homogeneous, 99 seq. 
non-isolated, 36, 38, 39 
variables of,' 15, 304 

Thermodynamics, development of, 2 
scope of, 1 

Third Law of Thermodynamics, 281, 
289 

breakdown in case of solutions, 
289 seq. 

supercooled liquids, 291 
Thomsen-Berthelot principle, 263 
failure of, 264, 267 
Three-stage distillation process, 10, 
95 

Tin, specific heats of, 294 
Transport numbers, 166, 172 
Hittorf, 172 

measurement from E.M.F. data, 
170 

Table, 172 

moving boundary, 172 

Valency of ions, determination of, 180 
influence on behaviour of electro- 
lytes, 244 

van der Waals’ equation, 72, 73, 76, 
77, 79, 86 

van’t Hoff factor, 207 
isochore, 82, 106 
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van’t Hoff, isocliore for solutions, 
145 

isotherm, 102, 113, 143, 144, 272, 
274, 275 

law for solutions, 122 
solubility isochore, 145 
Vaporization, ideal heat of. 1S9 
latent heat of, 30. 80. S6. 12S 
Vapour pressure, activity from, 196, 
197, 209 

lowering of, 124 
Variables of a system, 15, 304 
Velocity, ionic, 164 

of chemical reaction, 262 
Virial equation of Clausius, 239 
Viscosity, 205, 261 
Volta’s simple cell, 149 
Volume change on solution, 145 
seq. 


Water, latent heat of fusion of, 30 
of vaporization of, 30, 80 
Table, 80 

vapour, dissociation of, 265 
Weston cadmium cell, 174 
Wheatstone bridge method as a 
reversible process, 26 
Work content, changes in, 8, 91, 93 
definition of, 8, 91 
dependence on pressure, 94 
on temperature, 31, 96 
on volume, 94 
Work, electrical, 151 

maximum, 7, 9, 13, 25, 26, 32, 91, 
93 

of expansion, 4, 13 

term, mathematical form of, 12 

Zinc, solution pressure of, 157 



